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ABSTRACT 

Adsorption of aqueous Pb(II) and Cu(II) on a-quartz was stucl'ied 

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 competition 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(II) was the lack of the reliable data for the 
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second hydrolysis constant (,:,{3
2

). The choice of the constant was made 

. . 2+ 
on the basis of potentiometric tltratlons 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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l. l Introduction 

l 

Chapter l 

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 e ffect 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(II) on a-quartz as a function of the composition of the aquatic envi­

ronment. Pb(II) and Cu(II) were selected f or the following reasons: 

l) The biological availability of these metals is expected to 

depend upon the concentrations of their free metal ions. 

Adsorption, the formation of precipitates and c omplexation 

with inorganic and or ganic lig ands (of bio-as w e ll a s 
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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 

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. 

4) 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 s ys terns. 

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(II) in fresh waters will be made. Special attention will 

be given to the role of organic matter in determining the species 

distributions. 
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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 dis solved 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 A), colloidal 

particulates (<1500 A, >1 00 A )~and dissolved solids. The dis solved 

solids in the remaining effluent were recovered by evaporation. The 

three solid fractions were dissolved by treatment in HN0
3

, HF, HClO 
4

, 

and HCl, 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 
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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 ~g/1). 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/1 and from 0. 5 to 18 ~g/l, respectively. 
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Concentrations of the acid-exchangeable Pb and Cu (obtained after acidi-

fication of samples) were much higher, ranging from 0. 6 to 37 ~g/1 for 

Pb and 0. 4 to 108 w. g/1 for Cu. 
. . 2+ 

The add1hon of 0. 13 ~J g/1 of Cu to a 

1 0-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. 

1. 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 Si0
2 

surface, (()~-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 

partie ular, laboratory experiments were designed to provide adsorption 

data for Pb(II) and Cu(II) on a-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(II) 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 c hemical 



6 

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 a dsorption of hydrolyzable metal ions (James and 

Healy (1972c)), and one that is mainly c hemical, i.e. , the Ion Ex­

change-Surface Complex Formation Model (Dugger et al. (1964)); 

Schindler and Gamsjiiger (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 REDEQLZ 

program (McDuff and Morel (1973) ). REDEQL2 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 c ompute 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 c ompute the adsorption equilibria 

according to the Ion Exchange -Surface Complex Formation Model. More 
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detailed information about the REDEQL2 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(II), based 

. . . . f c 2 + on potent1ometr1c htratlons o u . 

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{II). Several 

conclusions are reached concerning the chemical behavior of trace 

metals in fresh oxic aquatic environments. 



8 

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 

. 0 
changes; the change of the standard free energy of adsorption (6G d . ) 

a s, 1 

of each species "i 11 is the sum of the change in the coulombic energy 

(6G
0 

1 
. ) , the solvation energy (6G

0 

1 
. ) , and the specific (chemical) 

cou '1 s 0 v' 1 

0 
energy (6G h . ): 

c em, 1 

0 
t.G d . a s, 1 

= 6 Go 1 . + f:.. Go .1 . + f:.. G oh . 
c ou , 1 so v, 1 c em, 1 

(2. 1) 

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: 

0 
6G l . = z.Ft:.'±' 

COU , 1 1 X 
(2. 2) 
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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, 6.'¥. , is given by 
X 

6.'¥. 
X 

where '¥. = potential of the surface 
0 

R = gas constant 

K = double layer parameter 

zF'¥. 

( ~0) 2RT 
e -1 

-Kx 
e 

-Kx 
e 

(2. 3) 

The surface potential, '¥. , is determined by the solution pH and the 
0 

pHPZC by the Nernst equation 

'¥. 
0 

= 2.3RT 
zF (pHPZC - pH) 

0 
For water at 20 C the double layer parameter K is 

K 

The ionic strength, I, together with the surface potential, 

(2. 4) 

(2. 5) 

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 /K becomes smaller) and 

0 
6.G 

1 
. becomes smaller. If the pH is increased at a constant ionic 

cou , 1 

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 

1 

811 J J J XDdv 
volume 

(2. 6) 

where D is the dielectric displacement and X is the electric field vector 

(X=D/ E). 

In polar coordinates, (8, ¢, R), originating at the center of the 

ion of charge z, and in a medium characterized by its dielectric con-

stant E, G is always positive since the zero of energy is the uncharged 

ion (Andersen and Bockris (1964)): 

2 2 
z e 

411 

r· 211 r 1T (' 

j ur ... 
¢=0 'b=O p =r. 

1 

where e = elementary charge. 

Ep 

When an ion moves from one e nvironment 

(2. 7) 

to another 

of different dielectric constant, the corresponding free-energy change 
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2 2 2rr 1T co • 
= ~ r r r s1n:: dcd¢dp 

4rr ~ J ~ 2 
¢ =0 ~ =0 p =r. p 

1 

(2. 8) 

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 

(uncharged) medium (E>l) 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: 

2 
1 + B(d'¥) 

\dx 
X 

+ A (2. 9) 

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

(owing to electronic and nuclear polarization), and E"bulk(=78. 5) is the 

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. 2xl0 m V . (d'l') The electric held strength dx x can be estimated 

from the Gouy- Chapman Model 

d'l' 
dx = _2K RT . h (zF~'l'x ) 

zF Sln 2RT (2. 1 0) 
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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, (r. + 2r = x). This sets the limits for 
10n w 

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 

2 2 
0 

b.G 1 . so v, 1 

z e 

= ( 1~7T( ) (r. ~2r r ion ) ( 1 1 ) 
2 (r. +2r )2 -;-:-t- E"b lk + 

0 10n w 

where E" 
0 

12 .:.1 = 8. 85xl 0- Farad meter 

N = Avogadro's number 

r. = radius of the ion 
10n 

r = radius of water 
w 

10n w 1n u 

E" solid 
= dielectric constant of the solid 

(2. 11) 

Owing to the quadratic depend e nce of the solvation energy on the 

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

an abrupt decrease in t.G
0 

.
1 

. Once the solvation energy barrier is 
so v 

overcome, coulombic and other s hort- 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. 



14 

sufficiently large to prevail, resulting in increased adsorption. 

The dielectric constant of the solid (E 
1

.d) is an important 
s 0 1 

0 
property in determining the changes in t.G 

1 
. For insulating oxides, 

so v 

i.e., for oxides with a low dielectric constant (such as Si0
2 

with 

E" 
1
.d=4. 3) work must be done to remove the secondary hydration sheath. 

so 1 

This work results in a large positive solvation energy (Figure 2. 2b). 

For high dielectric solids, such as Ti0
2

(E solid=78. 5) the change in the 

solvation energy is small compared with the change in the solvation 

energy for Si0
2 

(Figure 2. 2c). The coulombic and chemical inter-

actions will dominate the free energy of adsorption. Since o-Mn0
2 

and 

Si0
2 

have similar pHPZC the same basic adsorption characteristics 

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

their dielectric constants, 0-MnO has adsorption characteristics 2 . 

similar to Ti0
2

, rather than Si0
2 

(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 Si0
2

, but 

more than for 'o -Mn0
2

. However, because of the high pHPZC, Fe (OH)
3 

has adsorption characteristics similar to Si0
2 

rather than f\ -Mn0
2 

(Figure 2. 2a). Hence, the difference between the metal ion adsorption 

on different oxides resides in both substrate properties: the dielectric 

constant of the solid and the pH . 
PZC 
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2. 1. 3 Chemical Interactions 

D.G 0 is a term which takes into ace ount 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 

sphere of the hydrolysis products of the ion. 
0 

D.G . can be eval-
chem, 1 

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

ficiently high pHPZC (e.g., Ti02 which b;ts ;t pHPZCof 5. 5) by obtaining 

adsorption data. But for surfaces with low pHPZ C (such as Si0
2 

with 

the pHPZC of 2. 0) D.G
0

h . can be obtained only as a best fit between 
c em,1 

experimental results and theoretical predictions. In that case b.G
0

h . 
c em, 1 

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. 

2. 2 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 

z+ 
Me + n (-SOH) ~ 

(z- n) 
(-SO) Me 

n 
+ + nH 

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

z+ 
n = number of protons released per Me 

z = valence of the metal ion Me 

The stability constant, ':'Ks, for reaction 2. 13 is 

= n z+ 
[-SOH] [ Me J 

where [ J means concentrations in moles per liter of solution. 

(2. 12) 

(2. 13) 

(2. 14) 

In the experiments performed with silica gel by Maatman and 

coworkers (Dugger et al. (1964 )) measurements were made at low pH 

(pH<< pK .
1 1 

) so that all the surface groups could be 
a, s1 ano 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) <= (=SiO (2. 15) 

(2. 16) 

where K is the acidity constant of the surface OH groups, and the 
a 

equilibrium constant is 

s 
''' {3 ,,, 2 = 

+ 2 
[Me(OSi=)

2 
J[H J 

[ = SiOH ]
2

[Me
2

+] 
(2. 1 7) 

If one assumes that the surface species (=SiOH) and Me(Si0=)
2 

constitute a very dilute surface solution, the a ctivities of the surface 

species can be taken to be proportional to their mole fractions. 

The total number of silanol sites is expressed as 

(2. 18) 
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Let 6 be the fraction of the protonated silano1 sites, T] the fraction of 

the unprotonated ones and ~ the si1ano1 sites bound to the metal, i.e., 

A = [=SiOH] 
s 

TJ = [=SiO ] 
s t = 

According to Equation 2. 15 T] can be written as 

Ka 

[H f J [=SiOHJ K 
T] = a 

= s [H+J 

Equation 2. 20 can be rewritten as 

2 [Me (0Si=)
2

] 

s 

e 

-1 
=a e+t=l 

0 

From Equation 2. 19 one obtains 

[=SiOHl = es 

and from Equations 2. 18, 2. 21 and 2. 23 

[Me (OSi= )
2 

J s -1 = 2 (l-ao e) 

(2. 19) 

(2. 2 0) 

(2. 21) 

(2. 22) 

(2. 23) 

(2. 24) 

The mole fractions of these surface species ( surface species ) 
I: surface species 

are, then, given by 

X(= SiOH) = = 29 (2. 2 5) 
-1 1 - 1 

Ct e + -ao 
0 

2 



= 

20 

-1 
(1-a A)/2 0 . 

-1 -1 
a e+(l-ry 9)/2 

0 0 

= 

-1 
l-f_X e 

0 

-1 
l+a R 

0 

(2. 26) 

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: 

= (2. 2 7) 

Assuming 1:1 stoichiometry between the adsorbing metal ion 

and the surface, i.e., the reaction 

s 
>:< K 

Me
2

+ + (=: SiOH) ;:! 
1 

Me(OSi= )+ + H+ (2. 2 8) 

one can derive the corresponding expression for the stability constant 

= 

-1 
l-ex cp 

0 

2+ 
[Me l 

(2. 2 9) 

where (f) 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+ 
mMe + nH

2
0 

,73n 
;:! Me (OH)2 m-n + nH + 

m n 
(2. 30) 
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where >:'{J = overall hydrolysis constant 
n 

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 

2+ 
[Me l = Me 

TOT (aq) 

where MeTOT(aq) = total concentration of metal in solution 

(2. 31) 

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 

mMe + tL 
J 

(2. 32) 

where {3. 
J 

= stability constant 

t = stoichiometric coefficient of ligand L having a charge j 

In this case Equation 2. 31 can be expanded into 

2+ 
[Me l = MeTOT(aq) IT 

n 
(2. 33) 

2+ 
Substituting this expression for [Me l into Equations 2. 27 

and 2. 29 results in two general equations describing the equilibria for 

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

organic and inorganic ligands: 

= 

s 
':'K = 1 

-1 2 
[ 1- (a e) l 

0 

-1 
1 -()!0 cp 

ro 

["H+J 

[ + l n 
MeTOT(aq)[I ~~ 

n n 

-1 
K 

where 0! = 1+ __ a_ 
0 [H+J 

2. 2. 1 Electrostatic Influence 

(2. 34) 

1 
(2. 3 5) 

+I 
1 

Jm .t 
.t 8.t L 

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 Gamsj~ger (1972 ), results in a change in surface charge; trans-

£erring 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 Gamsj~ger (1972) gave the following expression for the 

acidity constant of the surface OH groups: 

K = K. exp (F'¥ /RT) 
a 1nt o 

(2. 3 6) 

where K. (intrinsic acidity constant) denotes the acidity constant in 
1nt 

the absence of an electric field, and '¥ the difference in potentials 
0 

between the site of dissociation and the bulk solution. '¥ is given by 
0 
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Nernst equation (Equation 2. 4). 

The intrinsic acidity constant for silanol groups was reported 

by Schindler and Kamber (1968) as logK. = -6. 8. 
lnt 

Investigations of Weber and Stumm (1964) and Olson and O'Melia 

(1973) have shown that partially deprotonated orthosilicic acid can 

act as 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 

(l956),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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2. 3 Influence of Ligands on the Adsorption of Metal Ions 

2. 3. l 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. 

2. 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. 

3. It may enhance the adsorption because of the affinity for the 

surface coupled with strong complex formation with metal 

ions. 

2. 3. 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 



26 

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)
2

-polymer is capable of being catalytically nucleated 

at ZnO-H
2

0 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. 

Matijevic 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 

3+ 2+ . 4+ 
of metal ions (ThOH , Th(OH)

2
, Th(OH)

4
, Zn(OH)

2
, and Al

8 
(OH)

20
) 
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and the charge rever sal of lyophobic colloids has been discus sed by 

Matijevic (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 is responsible for the adsorption of these ions 

on colloidal particles leading to charge reversal. .. 11 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), 

Matijevic (196 7) concluded that specific chemical interactions are not 

likely to have a predominant effect on the adsorption of hydrolyzed 

species. 11 
••• Hydrogen bonding , however, may play the decisive 

role ... 11 + 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: 11 ••• 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 

remaining aquo groups ... 11 As a result, this reduction of solvent-

metal i .on 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 11 molecule 11 can 

be attached to the solid surface (Stumm and 0 1Melia (1968)). 

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

lowed by adsorption 

z+ 
Me (aq) +nH

2
0 

z-n + 
Me(OH)~ (aq) + nH 

K 
ads z-n z-n 

surface + Me(OH)n (aq) ~ surface - Me(OH)n (aq) 

(2. 38) 

(2.39) 

is thermodynamically indistinguishable from adsorption of metal ions 

followed by hydrolysis at the surface 

surface 

z+ 
surface - Me + 

z+ + Me (aq) <=:! 

,:,~: 

Z+ 
surface - Me 

z-n + 
surface - Me(OH)n · (aq) + nH 

(2. 40) 

(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 >!<8 K . 
n ads 

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)-Si0
2 

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 c ations 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 

f:rom 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-C ottingham and Lloyd-Jane s (195 7, 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 H +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 ca
2

+ 

on complex formation. He showed, for example, that an excess of 

-3 -5 
EDTA at a concentration of 10 M can keep 10 M Fe(III) in solution 

8 '1 2+ at pH values up to . At ow pH, Ca does not appreciably interfere 

with Fe(III) complex formation by 10-
3

M EDTA. At higher pH values 

the concentration of soluble Fe(III) falls drastically, as Ca
2

+ concen-

tration is increased. In this case even higher concentrations of com-

-2 -3 
plexing ligand (1 0 M EDTA) are not able to keep 10 M 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-
3

M to 10-
2

M) 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 ~Jg/1 implies that the influence of leucine is 

4 
measurable only at levels at least 10 times the natural concentration, 

2+ 2+ + 
because of complexation of leucine by Ca , Mg , and H . 

Siegel (1966) studied the uptake of Zn on ion-exchange resins 

and clays in the presence of glycine. The addition of glycine reduced 

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(II) 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 characterize a given system. 

Consequently, the addition of any ligand reduces the adsorption by 

reducing the concentration of the free metal ion. This model is thus 

capable of quantitatively interpreting the decreased adsorption of 

metals brought about by complexation. However, in order to explain 

the phenomenon of the increased adsorption of metals in presence of 

certain ligands it would be necessary to include the following reaction: 

n \ -SOH) +Me Lj+mz 
m -{, 

>:<Ks 
MeL 

(-SO) Me Lj+mz-n + nH + (2. 42) 
n m -L 

where L stands for any ligand , including OH, and m, n, 1 are stoichio-

metric coefficients of metal Me of charge z, surface hydroxo-groups 

(-SOH) and ligand L of charge j. 

James and Healy (1972c) did not explicity account for either 

a decrease or an increase in adsorption brought about by complexation, 

apart from hydroxo complexes. In that case an increased adsorption 

was attributed to a reduction in desolvation energy. They let the chemi-

0 
cal free energy (6G h ) be a correction parameter for any additional 

c em 

adsorption of free metal ions and the metal-hydroxo complexes, outside 
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the coulombic and secondary solvation term. This parameter was 

given the same value (negative and, therefore, favorable for the ad-

sorption) for all species in order to prevent a preferential adsorption 

0 
of any one hydrolysis product over another. But, t.G h . can also be 

c em, 1 

thought of as a parameter accounting for interactions between the 

adsorbate and any metal species present in the system. Hence, more 

than one chemical free energy is needed in order to distinguish among 

the following cases: 

1. adsorption of free metal ions 

2. adsorption of metal-hydroxo complexes 

3. adsorption of metal-ligand complexes (ligand other than OH). 

In the general case there should be as many chemical free 

energies as there are species present in a given system, i.e., 

0 
t,G 

chem,(M.) (L.)Q(H) 
1(): J,u y 

rv_ = 1,2, ... 

{J = 0,1,2; ... 

y = 0,±1,±2, .•. 

where i is an index specifying the metal M whose stoichiometric co-

efficient is ry_, j is an index specifying the ligand L whose stoichio-

+ 
metric coefficient is D, andy is the stoichiometric coefficient of H or 

+ OH (for H y>O; for OH y < O). When a given species does not have any 

a:ifinity for the surface, the corresponding chemical energy should be 

made unfavorable for adsorption by assigning a sufficiently positive 
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0 
value so that t:,G d is sufficiently unfavorable for the adsorption; if 

a s 

a given species has a high affinity for the surface, the corresponding 

chemical free energy should be made more favorable for adsorption by 

assigning a more negative value. With these additional provisions, 

the James-Healy Model can be made to account for decreased or 

increased adsorption of metals brought about by complexation. 
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Chapter 3 

EXPERIMENTAL METHODS AND MATERIALS 

3. 1 Chemicals 

All the chemical reagents used in this research were Analytical 

Reagent Grade. All solutions were made with quartz-distilled water 

(Q-water) (obtained through the courtesy of Dr. Clair Patterson). 

Q-water is, essentially, equivalent to quadruply distilled water. >:< 

Ionic strength was varied with NaCl. In some experiments with Pb(II), 

NaClO 
4 

was used to investigate the influence of Cl on the adsorption 

of Pb(II). 

All trace metal stock solutions were prepared from the chloride 

salts. Solutions of citrate were prepared from its tri-sodium salt, 

and those of EDTA from the di-sodium salt. All the solutions were 

stored in polyethylene or teflon containers. NaHC0
3 

solutions were 

prepared freshly for each experiment. 

>:< Deionized water is fed into a double-stage still. The distillate is 
passed through an ion-exchange resin and Si0

2 
beds (the latter for re­

moval of organics) into a polyethylene reservoir, and from there into 
a quartz still. From this point on every part of the apparatus is made 
from either quartz or teflon , except the collecting reservoir, which 
is polyethylene. 

An analysis of Q-water with a Dohrmann Envirotech Total Carbon 
Analyzer (Model DC- 50) showed that organic carbon concentration was 
less than the 1 mg/1 detection limit of the instrument. Additional veri­
fication by infrared spectrophotometry indicated no absorption owing 
to the presence of organics. 
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3. 2 a-Quartz 

Adsorption studies were performed with finely divided crystal-

line silica, commercially available under the trade name "Min- U -Sil 5" 

(Pennsylvania Glass Sand Corp. ). X-ray diffraction analysis>'.< confirms 

its structure to be that of ~-quartz. BET analysis shows the specific 

2 + 
surface area to be 4. 23 m I gr, a value which is in agreement with 

that obtained by MacNaughton and James (1974). However, the manu-

2 
facturers report that the specific surface area is only 2. 06 m /gr. 

This discrepancy is a result of the manufacturer's use of an air 

permeability method for specific surface area determinations. 

Chemical composition of Min- U -Sil 5, as reported by the 

manufacturers, shows 99. 9o/o Si0
2 

with traces of iron, aluminum, 

titanium, calcium,and magnesium. Spectrographic analysis# confirms 

the presence of these as well as some other impurities (Table 3. 1 ). 

Organic impurities were removed by heating at 500°C for 24 hours 

(MacNaughton and James (1974)). The inorganic impurities were re-

moved to a large extent by refluxing stirred particles in 4 N redistilled 

':' X-ray diffraction analyses were performed by Dr. Pol Duwez's group 
in the Department of Material Sciences, Caltech. 

+BET analyses were conducted by Mr. William Cannon at the Jet Pro­
pulsion Laboratory, Pasadena. 

#Spectrographic analyses were performed by Ms. Elizabeth Bingham 
in the Department of Geological and Planetary Sciences, Caltech. 
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GFS HN0
3 

(G. Frederich Smith Chemical Co. ). The suspension was 

subsequently washed with Q-water until the pH of the supernatant was 

approximately 6. Particles were then shaken in 4 N NH
4 

OH and again 

carefully washed with Q-water until the pH of the supernatant was 

again 6. A subsequent spectrographic analysis of these cleaned par-

ticles showed a remarkable decrease in the level of inorganic impurities 

(Table 3.1). 

3. 3 Cleaning Techniques 

In order to avoid contamination, all the equipment which came in 

contact with the solutions and suspensions was cleaned according to 

the following procedure. All of the glass and teflon objects were 

passed through a series of four soaks, remaining in each of them for 

24 hours (marks on glassware were removed with HF). The first soak 

was in cold cone. HN0
3 

(Baker Analyzed Reagent Grade). The second 

and third soaks consisted of hot, redistilled cone. HN0
3 

(GFS) and the 

fourth soak was carried out in double-distilled water (D
2 

-water). When 

being transferred from one soak to another, the objects were very 

carefully rinsed with D
2 

-water. All the pipets and burettes were 

cleaned the same way. Polyethylene bottles were also passed through 

another set of four soaks, each lasting 24 hours, but in this case the 

second and the third soaks were not heated. All the teflon tubes and 
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Table 3. 1 

Spectrographic Analysis of a-Quartz 

Min- U -Sil 5 
prior to cleaning 

Min-U-Sil 5 
after cleaning 

Ba 

3.5 

1 

400 

30 

Concentration (mg /kg) 

Ti Zr Mg 

200 16 30 800 

110 9 <10 70 

Ca 

3 
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tips used in experiments and analyses were boiled in cone. redistilled 

HN0
3 

(GFS), and then boiled in D
2 

-water. 

3.4 Reaction Vessel 

Adsorption experiments were carried out in a 400 ml teflon 

beaker. This beaker was placed in a double jacketed constant tempera­

ture bath. The temperature was maintained at 25 ± 0. 5°C. The beaker 

was covered with a cover, also of teflon. The r eaction suspension was 

mixed with a motor-driven polyethylene stirrer. Plugs and electrode 

holders were also constructed from teflon. Gases were introduced to 

the reaction vessel through teflon tubing. Prior to entering the reaction 

vessel these gases were scrubbed with Q-water. 

3. 5 pH Control 

Experiments were carried out under two different sets of 

experimental conditions: 

1. This system was carbonate free and the reaction suspension 

was purged with high purity N
2 

(g). pH was established and 

maintained through the addition of HCl and NaOH by an auto­

matic titrator (Titrator 11 and Autoburette ABU 11, Radiometer, 

Copenhagen). The tubing and all the fittings on the titrator were 

made from teflon. 

2. This system contained carbonate, and the pH was e stablished 

and maintained by a certain amount of NaHC0
3 

and purging 
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with an appropriate partial pres sure of co
2

. 

In both cases pH measurements were obtained using a Radio­

meter Copenhagen pH Meter (Model 2 7) with a glass and reference 

electrode also manufactured by Radiometer Copenhagen. 

3. 6 Sample Processing and Analysis 

All Min- U -Sil suspensions were purged with either N
2 

(g) or the 

appropriate N
2 

-C0
2 

gas mixture for 24 hours prior to the addition of 

metals. After obtaining the desired pH, the organic ligand (if used) 

was added, followed by the appropriate quantity of metal. In those 

cases when Cu(II) and Pb(II) were simultaneously present, they were 

added to the reaction vessel as an equimolar mixture. After addition 

of the metal, the time allowed for equilibration was 1 hour. The 

reaction suspensions were separated from the sediment by centrifugation 

for 30 minutes a t 3100 RPM in the IEC International Centrifuge Univer­

sal (Model UV) in polyethylene centrifuging bottles. The supernatant 

was decanted, acidified, and stored in teflon bottles. 

The concentrations of the metals were measured using a Varian 

Techtron Atomic Absorption Spectrophotometer (Model AA-5 ). Samples 

containing Ca and Mg were analyzed using the flame-technique, and 

Cu and Pb by the flameless method using a Varian Techtron Carbon Rod 

Atomizer (Model 63 ). Ph-containing samples were analyzed directly 

with the carbon rod atomizer, as were the Cu-containing samples in 



41 

-7 -6 
experiments with CuT= 5 x 10 M and CuT= 10 M. 

-7 = 10 M, 

it was necessary to preconcentrate the sample in order to get a better 

signal. The method applied was a solvent extraction technique using 

0. 1 o/o dithiozone (Dz) in chloroform. Cu can be extracted with Dz at 

low and high pH values (Morrison and Freiser (1957), Sandell (1959)). 

It was found that the Dz-extracts obtained at low pH values were very 

unstable. However, if the extraction was performed at pH 9 in the 

presence of citrate, the extracts were stable, especially if they were 

wrapped in aluminum foil (to prevent photochemical reactions) and 

stored at low temperature, but not allowed to freeze. 

Extractions were performed in glass separatory funnels with 

teflon stopcocks. Ten ml of acidified sample were pi petted into the funnel. 

5 ml of 20o/o ammonium citrate were added, the solution pH was brought 

up to 9, and the desired amount of Dz-chloroform was added. The funnel 

was shaken for five minutes and then shaken again. After separation 

of the two phases, the lower, Cu-containing layer was stored in a 

teflon bottle. The yield obtained using this technique was 99o/o. 

Standards were prepared by extracting copper from solutions of CuC1
2 

-4 
obtained by diluting a 10 M CuC1

2 
stock solution. 

The analyses of samples of high ionic strength were carried 

out according to a method described by Ediger et al. (1974). Such 

samples may present problems in non-flame atomic absorption analysis 
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because of two possible interferences. Firstly, the volatilization of 

the matrix components into the light path during atomization introduces 

a great deal of background absorption, and secondly, volatilization of 

the matrix can introduce a variety of chemical interferences. Both of 

these matrix effects lead to a reduction of the overall sensitivity of the 

method. 

These problems can be overcome by use of solvent extraction. 

Ediger et al. (1974) designed a very simple and elegant technique for 

modifying the sample matrix by volatilizing the matrix components 

during the ashing cycle so as to remove them before atomization. This 

removal can b e accomplished through the a ddition of a large excess of 

ammonium nitrate to the sample. The result is a conversion of undesired 

sodium chloride to the more volatile salts, sodium nitrate and ammonium 

chloride. Since ammonium nitrate itself is volatile, all three com­

pounds volatilize out of the carbon rod during the ashing cycle. This 

minimizes the interference and any remaining background absorption 

can be corrected for through the use of the hydrogen lamp. In this 

research,therefore, samples were mixed 1:1 with 25o/o ammonium ni-

trate solution prior to analysis. Three kil of the mi>::ed solution was then 

injected into the carbon rod. These measurements, as well as other 

measurements with carbon rod atomizer, were done with N
2 

as the 

purging gas. 
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The analyses of the stock solutions of organic ligands were 

carried out using two different methods. The first method was a com-

plexometric titration of a solution of Cu(II) (prepared by diluting a 

commercially obtained Cu-standard with Q-water) with a solution of the 

ligand. A Cu ion-selective electrode (Orion Model 94-29) was used to 

follow the Cu concentrations. A commercial silver-silver chloride 

electrode was used (Orion Model 90-01) as the reference electrode. 

Measurements were obtained with the Orion Research pH Meter 

(Model 801 ). 

The second method utilized the Dohrmann Envirotech Total 

Carbon Analyzer (Model DC -50) to determine the concentration of 

organic carbon present. Since i t was possible for some inorganic 

carbon also to be present in the solution, measurements were carried 

out in the total carbon mode. Thus, the measured value consisted of 

C. + C 
1norg org 

After subtracting the value of C . , the molar con-
lnorg 

centration of the organic ligand solution was determined. 

3. 7 
14 

Adsorption Measurements with C -Citric Acid 

In order to understand the experimental results, it was necessary 

to investigate possible adsorption of citrate on cv-quartz. The tests 

were made with C 
14 

-labeled citric acid (International Chemical and 

Nuclear Corporation). 
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Activities of the labeled solutions were determined by liquid 

scintillation spectrometry using a Beckman LS-1 00 Liquid Scintillation 

System. Samples were counted in linear -polyethylene vials. Counting 

of the aqueous phase was done by adding 1 ml of the filtered sample 

to 10 ml Aquasol (a pre-mixed xylene-based scintillation cocktail 

obtained from New England Nuclear Pilot Chemical Division). The 

physical characteristics of Aquasol change upon dilution with water 

(New England Nuclear (1974) ). If the water content is below ca. 12% 

the mixture will remain a clear solution. If the water content is above 

ca. 18% the mixture will become a stiff gel. The transition region is 

characterized by a non-homogeneous, two-phase system. In order to 

carry out the counting of suspensions in a reproducible manner, it was 

necessary to prevent the sedimentation of the particles. This prevention was 

accomplished by allowing Aquasol to form a gel with water. Therefore, 

2 ml of D
2 

-water and l ml of sample were added to 10 ml of Aquasol. 

Counting times of samples were determined either by total 

number of counts (which corresponds to a standard error of 0. 5%) or 

by the counting period of one minute --whichever occurred first. The 

specific activity of c 14 
-labeled citric acid was 8. 01 mCi/mole. 

Adsorption of citrate on o:-quartz was investigated in the 

carbonate-containing system at pH 7. 
-8 

CIT at 6. 25 x 10 (CIT . 
T carr1er 

-8 14 -8 = 5 x 10 M and C -CIT = 1. 25 x 10 M) was added to the equilibrated 
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Min- U -Sil. After one hour of equilibration, two samples were taken 

out; one was counted directly, and the other one after filtering through 

a 0. 45 1-l Millipore filter. Cu was added to the remaining solution so 

-7 
that CuT = 10 M, and equilibrated for one hour. Again, counts were 

taken for both CIT T and CIT (aq)" The resulting measurements showed 

no evidence of adsorption of CIT or Cu-CIT complexes on Si0
2

(s) 

(Tables 3. 2 and 3. 3). 

3. 8 Adsorption Measurements with C 
14 

-NaHC0
3 

14 
C -NaHC0

3 
was obtained from International Nuclear and 

Chemical Corp. (the specific activity was 56. 5 mCi/mmole). 

2 -3 
After equilibration of 50 m /1 Min-U-Sil with 10 M NaCl, 

-4 -3. 5 
10 M NaHC0

3 
. , and gas with pC0

2 
of 10 atm, bubbling of 

carr1er 
-6 14 

C0
2 

was stopped and 2 x 10 M C -NaHC0
3 

was added to the sus-

pension. Samples were taken after 14 and 15 min. Analyses of these 

samples are shown on Table 3. 4. Change in the total number of counts 

at the beginning and the number of counts in the solution after 15 min. 

of equilibration was ascribed to adsorption on Min- U-Sil and to loss as 

C0
2 

-evaporation and adsorption on the filter paper or the glass. The 

amount of c 14 
lost in these ways was experimentally determined by 

carrying out the same experiments in the absence of Min- U -Sil ("Blank 11 

on Table 3.4). Based on these measurements, it was possible to 

calculate the amount of carbon which adsorbed on a-quartz. In the 
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Table 3. 2 

14 
Tests for the Adsorption of C -CIT on 

Min- U-Sil in the Absence of Copper 

Time 
mixing Filtered CPM 

(min) 

0 no 2116 

59 no 2046 

60 yes 2034 

Table 3. 3 

14 
Tests for the Adsorption of C -CIT on 

Min- U-Sil in the Presence of Copper 

Time 
mixing Filtered CPM 

(min) 

0 no 2040 

55 no 2046 

60 yes 2086 



Type of 
Experiment 

Blank 

In the Absence 
of 

Cu{II) 

In the Presence 
of 

Cu{II) 

In the Presence 
of 

Cu{II) and CIT 

Table 3.4 

14 
Tests for the Adsorption of C -NaHC0

3 
on Min- U -Sil 

Sample Time 
A-C 100 No. mixing Filtered CPM 

{min) 
--;::-x 

A 0 No 191800 
B 14 No 15 772 0 35.3% 
c 15 Yes 124080 

A 0 No 123340 
B 14 No 91148 45.2% 
c 15 Yes 67588 

A 0 No 129899 
B 14 No 97619 45.4% 
c 15 Yes 70815 

A 0 No 67343 
B 14 No 48467 47.9% 
c 15 Yes 35036 

---~-

% CT 
adsorbed 

on Min- U -Sil 

-

9.9 

10. 1 

12.6 

*"' ....J 



48 

absence of Cu it was found that 9. 9o/o CT adsorbed. In the presence of 

-7 
10 M CuT essentially the same amount adsorbed (ca. 10. lo/o). This 

was also the case in the experiments carried out in the presence of 

10-
7

M CuT and 10-
6

M CITT (ca. 12. 6o/o apparently adsorbed). 
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Chapter 4 

HYDROLYSIS OF Pb(II) AND Cu(II) 

4. 1 Introduction 

The hydrolysis of metal ions is a function of both metal ion con-

centration and pH. Hydrolysis increases with dilution and pH, while 

the fraction of polynuclear hydroxo complexes decreases with dilution. 

The hydrolysis products formed regulate the concentration of metals 

in solution through precipitation, adsorption, and coagulation. Infor-

mation about the identity and the stability of metal-hydroxo complexes 

is thus necessary to understand and predict the chemical behavior of 

metals in natural aquatic environments. 

4. 2 Hydrolysis of Pb(II) 

4. 2. 1 Introduction 

The hydrolysis of Pb(II), that is, the reaction 

Ppb2+ 0 + q Hz ~ Pb (OH)(Zp-q) 
p q 

+ +qH (4. 1) 

has been the subject of many studies, resulting in the identification of 

+ - 3+ 
seven hydroxo species (PbOH , Pb(OH)

2
(aq), Pb(OH)

3
, Pb

2
0H , 

2+ 4+ 4+ 
Pb

3 
(OH)

4 
, Pb

4 
(OH)

4 
, Pb

6 
(OH)

8 
) and the determination of their 

stability constants (Table 4. 1 ). 



-Table 4. 1 

Summary of the Hydrolysis of Pb(II) 

log Equilibrium Constant (References are shown in parenthesis) 
Electrolyte + 

PbOH (aq) Pb(OH)
2 

(aq) Pb(OH); (aq) 
+ 

Pb
2
0H (aq) 

2+ 
Pb

3 
(OH)

4 
(aq) 

4+ 
Pb

4
(0H)

4 
(aq 

4+ 
Pb

6 
(OH)

8 
(aq) 

.... 0 Ba(N0
3

)
2 

-7. 8 (7) -7.2 (1) -20.9(1) 

0. 06M Ba(ClO 
4

)
2 

-18.05 (2) 

0. 3M NaCl -23.35 (4) -42.66 (4) 

0. 3M NaC10
4 

-7. 9 (3) -17.2 (5) -27.99 (5) 

0. 5M Mg(ClO 
4

)
2 

-6.49 (b) -18. 949 (6) 

0. 5M Ba(ClO 
4

)
2 

-6.3 (6) -19. 12 (6) 

0. 6M Ba(Cl0
4

)
2 

-8. 7 (2) -18.75 (3) 

1M Mg(ClO 
4

)
2 

-6.57 (6) -18.978 (6) 

1M Ba(ClO 
4

)
2 

-6.39 (6) -19. 11 (6) 

1. 45 M Mg(Cl0
4

)
2 

-19. 045 (6) 

1. 45M Ba(Cl0
4

)
2 

-19. 12 (6) 

1. 5M Mg(ClO 
4

)
2 

-6.45 (6) 

1. 5M Ba(Cl0
4

)
2 

-6.24(6) 

2M NaCl0
4 

-7. 9 (7) -19.35(8) 

2M NaN0
3 

-8. 8 (8) -7.1 (7) -21. 72 (7) 

3M NaCl0
4 

-7. 9 (3) -1 7. 5 (5) -29 (5) -6.45 (3) -19.25 (3) 

3M NaCl -20. 3 (9) -32.3(9) -22.87 (4) -42.14 (4) 
--- -

(1) Pedersen (1945); (2)Faucherre(1954); (3) Olin (1960a); (4) Olin (1960b); (5) Carel! and Olin (1960); 
(6) Pajdowski and Olin (1962); (7) Hugel (1964); (8) Hugel (1965); (9) Schorsch and Ingri (1967) 

\.11 
0 
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4. 2. 2 Mononuclear Pb(II)-Hydrolysis Products 

+ 
The stability of PbOH has been determined by several in-

vestigators. Olin (l960b) obtained the value of log*,B
1 

=-7. 9 (3M NaCl0
4

) 

and log~'/3 1 =-7. 8 (0. 3M NaC10
4

) by potentiometric titrations. The 

same value was obtained by Hugel (1964) in 2M NaClO 
4 

and Pedersen 

(1945) in Ba(N0
3

)
2

. The lowest values (log >~~l =-8. 8 in 2M NaN0
3 

and 

log>:,,e
1 

=-8. 7 in 0. 6M Ba(Cl0
4

)
2

) were obtained by Hugel (1965) and 

Faucherre (1954 ), respectively. 

Pb(OH)
2 

(aq) and Pb(OH); were identified only by two inves-

tigators. The reported stability constants for each of the species 

differ by approximately three orders of magnitude. Carell and Olin 

2+ 
(1960) studied the complex formation between Pb and OH in alkaline 

solutions of 3M NaClO 
4 

and 0. 3M NaClO 
4

. The constants obtained for 

the formation of Pb(OH)
2 

(aq) were 

3M NaC10
4 

0. 3M NaCl0
4 

log >~ g2 =-17. 5 

log >:, ~ 2 =-17. 2 

log >:c ,g
3 

=-29 

log >!' 8
3

=-27. 99 

Schorsch and Ingri (196 7 ), studied the complex formation in alkaline 

3M NaCl using a lead amalgam electrode. They obtained the values of 

log "'" R
2 

=-2 0. 3 and log* R
3 

=-32. 3. They attributed the discrepancy 

between their results and the results obtained by Carell and Olin (1960) 
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2+ -
to stronger complex formation between Pb and Cl , than between 

2+ -
Pb and Cl0

4
. 

4. 2. 3 Polynuclear Pb(II)-Hydrolysis Products 

The stability constants for the polynuclear species, Pb OH
3 + 

2 
4+ 

and Pb
4

(0H)
4 

, were determined by Pedersen (1945), Olin (1960b), 

Pajdowski and Olin (1962 ), and Hugel (1964, 1965) by electromotive-

force measurements. Pajdowski and Olin (1962) obtained the following 

values for the stability constants fo Pb
2
0H

3
+, and Pb 

4 
(OH):~ 

0. 5M 
Mg(Cl0

4
)
2 

log*,B
21

=-6.49 log*,B
44

=-18.949 

Ba(Cl0
4

)
2 

1og >!< ,l3
21 

=-6. 3 1og>:c ,a
44

=-19.12 

1M 
Mg(Cl0

4
)
2 

1og "-< ,B
21 

=-6. 57 log* ,B
44 

=-18. 978 

Ba(C10
4

)
2 

lo g':<,B 
21 

=- 6. 3 9 log ':c,s
44 

=-19. 11 

Mg(Cl0
4

)
2 

1og >~< ,a21 =-6.45 log".c,B =-19. 045 
1. 5M 

44 

Ba(Cl0
4

)
2 

log':' a
21 

=-6. 24 log*,B
44

=-19.12 

. . 3+ 
Olin (196 Ob) determined the stab1hty constants for Pb

2 
OH and 

4+ 
Pb

4
(0H)

4 
in 3M NaCl0

4 
to be log':<f

21
=-6.45 and log>:<,B

44
=-19.25, 

re specti vel y. 

3+ 
The stability c onstants for the formation of Pb

2 
OH (log>!<B

21 
= 

4+. ' 
-7.11) and Pb

4
(0H)

4
(log ':<,a

44
=-2l. 72) reported by Hugel (1964) are 

slightly different from the values obtained by Olin (1960) and 
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Pajdowski and Olin (1962 ). Hugel (1965) made another set of measure-

ments in 2M NaClO 
4

. He obtained the value of log>:',g
44 

=-19. 35, which 

is similar to the value reported by Olin (1960b) for the same supporting 

electrolyte. 

Pedersen (1945) carried out potentiometric titrations of Pb(N0
3 

)
2 

solutions by the addition of NaOH, and explained his experimental 

3+ + 4+ 
data in terms of the formatim of Pb

2 
OH , PbOH , and Pb 

4 
(OH)

4 

Pb2 + + H
2

0 ~ PbOH+ + H+ (4. 2) 

2 Pb 
2+ 

+ H
2

0 ~ Pb
2
0H3 + + H+ (4. 3) 

4 Pb2 + + H
2

0 ~ Pb
4

(0Hf+ + 4 H+ 
4 

(4. 4) 

or 

Pb2 + + PbOH+ - Pb
2

0H3 + ..... (4. 5) 

4 PbOH+ ~ Pb (OH)4 + 
4 4 

(4. 6) 

Extrapolating to !=0 resulted in the values of log*,S
21 

=-7. 2 

and log>:<P
44

=-20.9. 

The solubility of the basic lead nitrates is so low, that only 

one percent of the Pb(II) in Pedersen 1 s experiments was hydrolyzed 

before precipitation started. For that reason Fauchere (1954) decided 

to study Pb(II) perchlorate solutions. Potentiometric titrations of 

these solutions showed that if less than one OH per Pb(II) had been 

4+ 
added, the complex Pb 

4 
(OH) 

4 
was formed, as indicated by spectro-
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photometric and cryoscopic measurements. His reported values for 

the stability constants of these complexes are log >:< ,g
44 

=-18. 75 and 

log* R
44

=-18.05 in 0.6M Ba(Cl0
4

)
2 

and 0.06M Ba(Cl0
4

)
2

, respectively. 

At the hydroxide-to-lead ratio of 4:3 the precipitation of Pb(Cl0
4

)
2

· 

5Pb (OH)
2 

(s) started; therefore, this ratio was the limit of the titration. 

The same limit of the titration was found by Olin (1960a) who 

. 2+ 4+ 
suggested that a tnmer, Pb

3 
(OH)

4 
, and a hexamer, Pb

6 
(OH)

8 
, are 

formed for hydroxyl numbers greater than one. Their respective 

hydrolysis constants are 

3M NaCl 

0. 3M NaCl 

4. 2. 4 Summary 

log >:<,B
34 

=-22. 87 

log >:,,g
34 

= - 23. 35 

log >:' ~68 =-42. 14 

log >:<,B
68 

=-42. 66 

The preceding information is best summarized by Mesmer and 

Bae s (1974 ). They state that hydrolysis of Pb (II) ion is" ... a model 

case in which the species identification from most of the information ... 

obtained by a large number of physical chemical techniques ... is quite 

consistent ' '. 

Table 4. 2 gives the hydrolysis constants of Pb(II) used for the 

computations in this research. The higher polynuclear hydrolytic 

species of Pb(II), because of their importance only at higher total 

concentration of Pb (Pb;) and at higher pH, did not prove to be 

>!< The subscript T in the notation in this thesis means the total concen­
tration of a gi ven constituent. 



55 

Table 4. 2 

Hydrolysis Constants for Pb(II) 

Used in Equilibrium Computations 

Species log Equilibrium 
-3 >:< 

Constant (1=1 0 ) 

+ 
-7. 13 PbOH (aq) ~<K 

1 

Pb(OH)
2 

(aq) ,:<e . 2 -16.54 

Pb(OH; (aq) >:< p 
3 

-2 7. 42 

3+ 
Pb

2
0H (aq) i.<f321 -6.27 

Pb(OH)
2

(s) >:< K -12.94# 
so 

-3 
>:< All equilibrium constants at 1=1 0 were obtained from the output of 

the REDEQL2 program (McDuff and Morel (1973)). The thermo­
dynamic data for this program are compiled for infinite dilution, 
i.e., I=O. Special subroutines correct the activities for the appro­
priate ionic strength using the Davies equation, and compute the 
corresponding stability constants. 

# from Sillen and Martell (1971) 
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important in this research. Hence, their stability constants were 

not included in c amputations. 

Since the supporting electrolyte used throughout this research 

(NaCl) affects the equilibrium distribution of Pb by forming different 

chloro complexes, it was necessary to include the stability constants 

for those complexes. Table 4. 3 shows the complexes selected and 

their equilibrium constants. 

4. 3 Hydrolysis of Cu(II) 

4.3.1 Introduction 

Hydrolysis of Cu(II) ion results in the formation of a number of 

+ - 2-
mononuclear (CuOH , Cu{OH)

2 
(aq), Cu(OH)

3
, Cu(OH)

4 
) and poly-

2+ 2+ 2+ 
nuclear species (Cu

2 
(OH)

2 
, Cu

3 
(OH)

4 
, ... , Cun+l (OH)

2
n). It has 

been studied by many investigators. The identified species and their 

respective stability constants are listed in Table 4. 4. 

4. 3. 2 Mononuclear Cu(II)-Hydrolysis Products 

Pedersen (1943) made an extensive investigation of the hydrolysis 

of Cu(II), measuring the pH of Cu(N0
3 

)
2 

solutions of varying ionic 

strengths. He explained his results assuming the following equilibria: 

2+ 
+ H

2
0 

+ + H+ Cu --+ CuOH log >:'K
1 

=-7. 97 (4. 7) -
2 

2+ 
+ H

2
0 

3+ + 
Cu ;:! Cu

2
0H + H log ':'K

2 
=-6. 819 (4. 8) 

2 
2+ 

Cu + H
2

0 ;:! 
2 + + 

Cu
2

0 + 2H log ':' K
3 

=-1 0. 89 (4. 9) 
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Table 4. 3 

Stability Constants for Pb-Cl Complexes 

Species l ·og Equilibrium Constant (I=l0-
3

) 

PbCl +(aq) Kl l. 63 

PbC1
2 

(aq) Sz 2.50 

Pbcl; (aq) {33 3.80 

PbClOH(aq) KlOH -6.60 



Medium 

dil Cu(N0
3 

)
2 

dil Cu(N0
3 

)
2 

3M NaCl04 

.... 0 

0. 04M to 8M KOH 

Cu- benzene sulphonate 

wide range of 
LiCl concentration 

1M 

... 

Table 4. 4 

Reported Equilibrium Constants for the Hydrolysis of Cu(II) 

log Equilibrium Constant (References are in parenthesis) 

CuOH
2 

Cu(OH)
2 

(aq) Cu(OH); 
,Z-

Cu(OH)
4 

,Z+ 
Cu

2 
(OH)

2 
-7.97(3) -10.89 (3} 

-8. 0 (4) -10. 95 (4) 

-lO.b (4) 

<-8 (5) 
3 ~33 +2.497 (5) 

<-27.8(1) <-39.6 (1) 

-13. 7 (2) 

-13.2 (6) 

<-17.3 (7) 
--

I 

I 

I 

\..11 
00 

(1} McDowell and Johnston (1936); (2) Quintin (1937); (3} Pedersen (1943); (4) Berecki-Biedermann(l955); 
(5} Perrin (1960); (6} Spivakovskii and Makovskaya (1968); (7} Mesmer and Baes (1974) 
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Berecki-Biedermann (1955) recalculated the same constants 

obtaining the value of log >:< K
1 

=-8. 0, and Perrin (1960) stated that 

log~'K <- 8. 
1 

The stability constant for Cu(OH)
2 

(aq) was determined experi-

mentally by Quintin (193 7) and Spivakovskii and Makovskaya (1968 ). 

2+ 
Quintin (193 7) followed the change in Cu as a function of pH by poten-

tiometry. She attributed this change to the reaction: 

2+ 
Cu + 2 H

2
0 

for which log*R
2

=-13. 7. 

+ 
Cu(OH)

2 
(aq) + 2 H (4. 10) 

Spivakovskii and Makovskaya (1968) studied the behavior of 

Cu(II) as a function of pH during the precipitation with alkali from 

chloride solutions over varying concentrations of Cu(II) and chloride. 

The experimental results were interpreted in terms of the formation 

of hydroxo, chloro, and hydroxo-chloro complexes. Their reported 

value of the stability constant for Cu(OH)
2

(aq) is log~'A2 =-13.2. 

Mesmer and Baes (1974) estimated the second hydrolysis con-

stant for Cu(II) to be log*,8
2
<-l 7. 3, which is almost four orders of 

magnitude lower than the previous ones. This estimate was based on 

the assumption that the stepwise constants (':'f3
1 1

/'1.' (3 ) for copper 
'y+ 1, y 

decrease in a manner typical for other metals. 
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McDowell and Johnston (1936) observed the solubility of CuO(s) 

in KOH and interpreted their results with the following equilibrium 

relationships: 

,. CuO(s) + OH 

CuO(s) + 20H 

~ Cu(OH)~ 

2-
~ Cu(OH)

4 

logK
3 

=-4. 987 

logK
4 

=-4. 092 

(4. 11) 

(4. 12) 

Combining these equations with the solubility product of CuO(s) they 

obtained: 

2+ 
Cu +3H

2
0 

2+ 
Cu +4H

2
0 

2+ 
4. 3. 3 Cu

2 
(OH)

2 

Cu(OH); 

2-
Cu(OH)4 

(4. 13) 

(4. 14) 

2+ 
Cu

2 
(OH)

2 
has been determined to be the principal polynuclear 

hydrolytic species of C u(II). Pedersen (1943) reported log':ca
22 

=-1 0. 89 

and Berecki-Biedermann (1955 ), log '~'< ~22 =-1 0. 6. From Pedersen Ls 

experimental results Berecki-Biedermann (1955) recalculated his 

constants and obtained log>:<~22 =-10. 95. 

Perrin (1960) found the relation between the stability constant 

*{3
22 

and temperature to be 

1 = 3833 -2.497 og >:< R 
~-'22 T 

(4. 15) 

4. 3. 4 Summary 

The studies on the hydrolysis of Cu(II) resulted in the identifica­

tion of five hydrolysis products (CuOH+(aq), Cu(OH)
2 

(aq), Cu(OH)~ (aq), 
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2- 2+ 
Cu(OH)

4 
(aq), and Cu

2 
(OH)

2 
(aq)), and determination of their respective 

stability constants. Mesmer and Baes (1974) state that the first hydrol-

-8 
ysis constant, >!<K

1
, is probably less than 10 , despite several esti-

+ -
mates of the stability of CuOH (aq); nor is the estimate for Cu(OH)

3 
(aq) 

very reliable. The most uncertain stability constant for the hydrolysis 

of Cu(II) is *(3
2

; the reported values for >!<{3
2 

differ by almost four orders 

of magnitude. Hence, there is a definite need for more accurate 

measurements of the hydrolysis behavior of Cu(II). 

4. 4 Second Hydrolysis Constant for Cu(II) 

4. 4. 1 Equilibrium Computations with Different Values for *8
2 

The choice of *8
2 

will have a great influence on the calculated 

equilibrium composition of a solution containing Cu(II). Figures 4. la, b, 

4. 2a, b, and 4. 3 a, b show the distribution of Cu(II) as a function of pH in a 

carbonate -free system for two different values of ''r-[3
2

. The computa-

tions were based on the stability constants listed in Tables 4. 5 and 4. 6. 

In all three cases (i.e., CuT=l. 5xl0-
8

M (Figures 4.la, b), 

-8 -7 
CuT=SxlO M (Figures 4. 2a, b), and CuT=lO M (Figures 4. 3a, b)) the 

concentrations of free copper ions vary ever two orders of magnitude 

over a pH range of 6-8 if log;I,' R
2

=-13. 7. Computations with log ':'#
2

=-17. 3 

2+ 
result in very small changes in the concentrations of Cu (ca. one-

quarter of an order of magnitude). 
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Table 4. 5 

Stability Constants for Hydrolysis Products of Cu(II) 

Species log Equilibrium 
-3 

Constant (!=1 0 ) 

+ 
-7.9 CuOH (aq) >!< K 

1 

Cu(OH)
2 

(aq) ':< B 2 
-13. 7# 

Cu(OH); (aq) >!<{3 
3 

-26.8 

2-
Cu(OH) 

4 
(aq) >!<{3 

4 
-39.9 

2+ 
-10. 3 cu

2 
(OH)

2 
(aq) >!<f3 

22 

Cu(OH)
2 

(s) >!<K -8.4 
so 

#A recent lower estimate for log >!<,B
2 

is -17. 3. 
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Table 4. 6 

Stability Constants for Cu-Cl Complexes 

Species 

CuCl+(aq) 

C uC1
2 

(aq) 

log Equilibrium Constant (I=I0-
3

) 

0.5 

0.3 
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Figure 4. 1a Speciation of Cu(II ) in the carbonate -free system; 
-8 -3 

CuT = 1. 5 x 10 M, I= 10 , log *.8
2 
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Figure 4. 1 b Speciation of Cu(II) in the carbonate-free system; 
-8 -3 

CuT = 1. 5 x 10 M, I= 10 , log *,8
2

Cu(OH)
2 

(aq) = -17. 3. 
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The system containing 1. 5xl 0 -
8

M CuT is below the point of 

precipitation of Cu(OH)
2 

(s) for this pH range, regardless of the choice 

of the second hydrolysis constant for Cu(II). If the concentratim of 

CuT is increased to CuT=Sxl 0 -
8

M there is no precipitation if log* 8
2 

= 

-13.7 (Figure 4. 2a) but approximately 2% precipitates at pH 8 if 

log >:c q
2

=-17. 3 (Figure 4. Zb). When CuT is increased to 10-
7

M (Figure 

4. 3a, b) there is no precipitation if log >'~ ,B 2 =-13. 7, but approximately 

50% of the total copper is precipitated at pH 8 if log >:< q
2 

=-1 7. 3. 

For all three choices of total copper the main hydroxo complex 

depends on the stability constant for the second hydrolysis product. If 

log ':'8
2

=-13. 7 the dominant hydroxo complex is Cu(OH)
2

(aq), and if 

+ log >:< p
2

=-17.3, i t is Cu(OH). 

4. 4. 2 Potentiometric Titrations of Cu
2 + as a Function of pH 

Cu(OH)
2 

(aq) is a very important species as predicted by the 

James-Healy Model. 
0 0 

Since its charge is zero, its t::.G 
1 

and l::.G 
1 so v cou 

are also zero and the species is very easily adsorbed on the surface. 

Obviously the choice of >!< 8
2 

will be very important in modeling experi-

mental systems. 

2+ 2+ 
As was shown above, the change in activities of Cu ([Cu } ) 

between pH 6 a nd 8 is drastic when log >:c,s
2

=-13. 7 and very small when 

log ':' R
2 

=- 1 7. 3. T h e refor e , hydrolysis of Cu(II) can be followed by 
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[ C U
2 +} 1 1 d d h measuring using a copper ion- se ecti ve e ectro e, an t e 

results used to choose between log*f3
2 

=-13. 7 and log*f3
2 

=-17. 3. 

The limit of detection of cupric ion activity in non-complexing 

solutions using a CuS-Ag
2
S-electrode (solid state Cu-electrode) was 

-8 
reported to be 10 M (Orion Research, Inc. (1968); Ion Selective 

Electrodes (1969 ); Jasinski et al. (1974)). Blaedel and Dinwiddie 

-9 
(1974) reported a lower value of 10 M. In solutions containing a com-

plexing agent measurements were obtained with very low concentrations 

2+ -20 
of Cu (as low as 10 M) (Orion Research, Inc. (1968)). 

Electrode interferences occur with silver and mercuric ions, 

as well as ferric ions (Orion Research, Inc. (1968); Ion Selective Elec-

t r ode s ( 1 9 6 9 ) . Interferences of silver and mercuric ions can be very 

easily overcome by holding their concentrations below one -tenth of the 

concentration of cupric ion, and those of ferric ion by adjusting the pH 

of the sample above 4 . 

The measurements done with a Cu-electrode-reference electrode 

system showed a definite pH effect (Figure 4. 4 ). Tests were done with 

four different concentrations of CuT. In each case the highest reading 

was obtained at pH 5. 6-5. 7. Above that pH the decrease in the reading 

was due to the decrease in [Cu
2

+} resulting from hydrolysis, and 

below that pH the decrease in the reading can be explained in terms of 

the increased solubility of metal sulfides in acidic solutions 
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(i.e., formation of HS and H
2

S) (Ion-Selective Electrodes (1969 )). 

Preparatory cleaning of the Cu-electrode is very important 

since it effects the rate of approach to steady state (Johansson and 

Edstrtlm ( 19 72); Blaedel and Dinwiddie (19 74) ). The effect is attributed 

to the removal of a thin porous surface layer of Ag
2 

S left after leaching 

out of CuS through heavy use of the electrode (Blaedel and Dinwiddie 

(1974)). 

The surface of the Cu-electrode was cleaned by polishing with 

polyethylene paper (Orion Research, Inc. (1972 )), followed by soaking 

in stirred Q -water outside of the reaction vessel. 

In the reaction vessel, the electrodes were equilibrated with 

-3 
N

2 
(g)-purged 10 M NaCl before the addition of Cu. The response time 

2+ 
of the Cu -electrode was observed to be two minutes. Calibration 

curves were obtained by the addition of Cu to the same solution. 

Ner.hstian behavior (at pH 5. 6-5. 7) was observed for all solutions 

-8 
containing CuT :;:: 10 M. 

To study hydrolysis of Cu(II), the electrodes were brought to a 

low reading outside the reaction vessel following the procedure 

described above. After equilibration with N
2 

(g)-purged 10-
3

M NaCl at 

-8 
pH 8, Cu(II) was added so that CuT=l. 5xl0 M (Figure 4. 5). The pH 

was decreased by adding HCl. The lowest four points were obtained 

after a 15-minute equilibration, and all other points by a two-minute 
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equilibration. If the system was back-titrated, the measured points 

were observed to agree very closely with the ones obtained by the 

addition of HCl. 

The solid line in Figure 4. 5 is a theoretical line based on 

log >:< e
2

=-13. 7 and assuming Nernstian behavior of the electrodes at the 

2+ 
indicated pH values and concentrations of Cu . The dotted line is 

based on log>!<,B
2

=-17. 3 and the same assumptions as for the solid line. 

The points are the experimental results. 

After the lowest pH was reached the pH was brought up to 8 

by addition of NaOH. Then more Cu(II) was added to the system so that 

-8 
CuT=5xlO M (Figure 4. 6). Again, the first four points were taken 

after a 15 minute equilibration and the others after a two minute 

equilibration. When pH 5. 5 was reached, the pH was again brought 

up to 8 and the concentration of Cu was increased to 10-
7

M (Figure 4. 7 ). 

2+ 
[ Cu } was measured as before. 

Based on the assumption that all hydrolysis constants except 

2+ 
for :>!<(3

2 
are well established, the results obtained with the Cu -selec-

tive e lectrode strongly indicate that the hydrolysis constant for the 

formation of Cu(OH)
2 

(aq) is closer to log>:<a
2

=-13. 7 than to log>:<A
2

=-17. 3. 

Nevertheless, in some of the following analyses of the adsorption 

systems both values for log ':<(3
2 

will be used in order to illustrate their 

influence on the modeling of the experimental systems. 
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Chapter 5 

ADSORPTION OF Cu(II), Pb(II), Mg(II) AND Ca(II) 

ON a-QUARTZ IN A CARBONATE-FREE SYSTEM 

5. 1 Adsorption of Cu(II) and Pb(II) on ex-Quartz as a Function of 

Time, Metal Ion Concentration and System Surface Area 

5. 1. 1 Adsorption of Cu(II) and Pb(II) on ex-Quartz as a Function 

of Time 

The rate of adsorption of metal ions is a function of both the 

surface (its chemical characteristics and physical structure) and the 

metal ion in question. The times reported necessary to obtain equili­

bration of metal ions with the hydrous iron oxides range from 3 hours 

for Pb(II), Zn(II), Cd(II), and Tl(I) (Gadde and Laitinen (1974)) and up 

to 20 hours for Co(II) (Kurbatov and Wood (1952)). 

Morgan and Stumm (1964) and Posselt et al. (1968) observed a 

very rapid adsorption of the alkaline earth and the transition metal 

ions on o-Mn0
2 

(<5 min. and 5-10 min., respectively). Gadde and 

Laitinen (1974) reported a 3-hour equilibration time between hydrous 

manganese oxide and Pb(II), Cd(II), Zn(II), and Tl(I). Similarly, 

Murray et al. (1968) found that the final attainment of equilibrium 

between manganese (II) manganite and Ni(II), Cu(II), and Co(II) was 

reached after several hours, whereas Loganathan (1971) reported 
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an equilibration time of 2 days for o-Mn0
2 

and Co(II), Zn(II), and Ca(II). 

Greenberg (1956) found that equilibrium between silica and 

calcium hydroxide was reached in 15 sec. Ahrland et al. (1960) showed 

+ 2+ 3+ 2+ 
that ions such as Na , Ca , Gd and uo

2 
are sorbed by silica very 

rapidly (in general,more than 95% of the final amount was sorbed within 

5 min), whereas ions formed by Zr(IV), U(IV), and Pu(IV) were taken 

up more slowly (75-150 hours). Kozawa (1961) reported that the 

adsorption of Zn(II) on silica reaches equilibrium in 2 hours and that 

f C (II) . b 6 h E ·1· b · · f 3 + 2 + o u requ1res a out ours. qu1 1 rahon t1mes o Fe , Cu , 

2+ 
and Pb with Silikagel H and Aerosil 2 00, as observed by 

Schindler et al. (1975 ), were short, never exceeding 30 min. 

Starik and Kositsyn found that in the period of 1 hour no less 

than 80-90% of ruthenium (1957a) and thorium (1957b) was adsorbed on 

glass. According to MacNaughton (1973) the reaction between Zn(II) 

and a-quartz is completed almost instantaneously. Hg(II), on the con-

trary, has a very long equilibration time with a-quartz. The time 

necessary for establishing the equilibrium between Co(II) and ry-quartz 

is 3 hours (Healy et al. (1968)). 

In the present study the equilibration time between Cu(II) and 

Pb(II) and ry-quartz was found to be very fast. Regardless of the 

system surface area involved, it was found that 90-100% of Cud and 
a s 

Pb d was adsorbed during the first five minutes (Figure 5. 1 and 5. 2 
a s 

respectively). 
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5. 1. 2 Adsorption of Cu(II) and Pb(II) on a-Quartz as a Function of 

Metal Concentration and System Surface Area 

At equilibrium the amount of the adsorbed metal ion, with a 

fixed pH and ionic strength, is a function of the total concentration of 

the metal and the available surface area. Figures 5. 3 and 5. 4 show the 

adsorption density measurements of Cu(II) and Pb(II) on a-quartz, 

which were obtained by varying the MeT and the surface area. 

The maximum coverage, I' , assuming a monolayer of 
max 

hydrated ions, is given by James and Healy (1972a, 1972b, 1972c) as 

I' 
max 

= 
7T ( r. 

10n 

1 
2 + 2r ) 

w 

(5. 1) 

0 -6 2 
For Cu(II) (r. = 0. 78A) the calculated I' = 4. 2 x 10 moles/m 

10n max 
0 -6 2 

and for Pb(II) (r. = 1. 20A) I' = 3. 37 x 10 moles/m . The results 
10n max 

in Figures 5. 3 and 5. 4 show that the experimentally found adsorption 

densities have not reached their maximum theoretical values. 

5. 2 Adsorption of Cu(II), Pb(II), Mg(II), and Ca(II) on a-Quartz 

as a Function of pH and Ionic Strength 

5. 2. l Equilibrium Modeling 

The equilibrium computations were obtained using the REDEQL2 

numerical method (McDuff and Morel (1973)). REDEQL2 is a general 

purpose computer program especially adapted to study acid-base, 
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precipitation-dissolution, redox,and adsorption processes. The pro-

gram uses the stability constant approach and the Newton-Raphson 

method for digital computations of equilibria. It can determine the 

composition of the aqueous phase and the corresponding set of solids 

in equilibrium at a given pH, P€, temperature, pressure and gas-phase 

component partial pres sure by simultaneously solving the various 

characteristic equations. Special subroutines correct the activities 

for the appropriate ionic strength using the Davies equation (i.e., 

2~ ) . logy = AZ \r!+l - 0. 2! ) and compute the correspond1ng corrected 

stability constants. The subroutines INADS, ADSORP, and IONADS are 

used together with the rest of the program to compute adsorption 

equilibria. The INADS subroutine reads the thermodynamic, stoichio-

metric and analytical data for adsorption. 

The ADSORP subroutine computes the constants for adsorption 

for each pH and ionic strength considered, using the James-Healy 

Model. Equilibrium computations including these constants are 

achieved by considering the adsorbing surface as another constituent 

of the system a s explained below. 

Adsorption of a metal ion can be described by the following 

expression: 

unoccupied surface + Me = adsorbed metal (or occupied surface) 
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This is treated as a chemical reaction because it depends on 

bulk concentration of metal ion and a dsorbent. Hence, 

[ Me d ] = k [ Me ] [ u J 
a s 

(5. 2) 

2 
where [u ] is unoccupied surface in em ll, [Me] is the concentration 

of metal ion in moles I 1 and k is a constant. Then 

= [Me d ] +[Me] 
a s 

(5. 3) 

and 

[ s J = [ u J +[ 0 J (5. 4) 

where [ S l is the total surface and [ o J is the occupied surface, both 

2 
in em I 1. Then by definition 

[ o ] = y [ Me d ] 
a s 

(5. 5) 

2 
where y is the a rea i n em covered by each mole of adsorbed metal 

species. Thus, 

[ S ] = [ u J +y [ Meads] (5. 6) 

Substituting Equation 5. 6 into 5. 2 results in 

[ Me d] = k[Me ] ([S J -y[Me d ] ) 
a s a s 

(5. 7) 

or 



Since 

[Me d ] a s 
[ SJ 

1 

'Y 
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= 
k[Me] [Me d J a s 

[S] 1 +ky[ Me J = 

1 
-[Me l _}I __ _ 

1 
ky +[Me ] 

= 1. = the adsorption density in moles/cm
2 

Me of species Me 

= rmax = 
Me 

the saturation value of r 
Me 

(5. 8) 

(5. 9) 

(5. 10) 

1 
ky 

= K = the constant for adsorption of species Me (5. 11) 
ads, Me 

Equation 5.8 can be rewritten as 

r
max 

[ Me ] 
I' = Me 
Me K + [ Me ] 

ads, Me 
(5. 12) 

which is the classical Langmuir adsorption isotherm. Hence, equilib-

rium computations including adsorption on surfaces can be achieved by 

considering the surface as a ligand and adsorption reactions as com-

plex formation between the metal and the surface. To treat adsorption 

equilibria one thus needs , in addition to the usual thermodynamic, 

stoichiometric, a nd analytical equilibrium data, the following: 

l. system surface area(s) of adsorbent(s) 

2. list of adsorbing species 
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3. maximum adsorption densities of adsorbing species 

4. equilibrium constants of adsorption 

In the James -Healy Model the maximum adsorption densities 

are computed from Equation 5. 1. The constants of adsorption are re-

lated to the energy of adsorption 6G
0

d by 
a s 

K d . a s, 1 

0 = exp (+tJG d ./RT) 
a s, 1 

(5. 13) 

0 
tJG d . can be generated from the James -Healy Model according to 

a s, 1 

Equation 2. 1 by specifying tJG
0

h .. The chemical free-energy term 
c em, 1 

for adsorption on Si0
2 

is an adjustable parameter selected to obtain 

adequate fit between the experimental and the theoretical increase in 

adsorption as a function of pH. For the Cu(II)-Si0
2 

system, the specific 

adsorption potential was found to be -8.0 kcal/mole, and for Pb(II)-

Si0
2 

system - 6 . 5 kcal/mole. The specific adsorption potential for 

Na-Si0
2 

system (-3. 0 kcal/mole) was estimated indirectly, by 

examining the adsorption behavior of Cu(II) under conditions of changing 

ionic strength (Table 5.1). 

The IONADS subroutine i s employed in place of the ADSORP sub-

routine i n order to compute adsorption equilibria according to the 

Ion E x change -Surface Complex Formation Model. These computations 

are obtained by spe c ifying the total number of sites/ 1, the intrinsic 

acidity constant of the surface OH groups, and the constants for the 
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Table 5. 1 

Specific Adsorption Potentials for ry-Quartz Used for 

the Modeling of the Experimental Systems 

with the James -Healy Model 

!::.Go 
chem,Na 

!::.Go 
chem, Cu 

!::.Go 
chem, Pb 

-1 = -3. 0 kcal mole 

= -8. 0 kcal mole -
1 

= -6. 5 kcal mole -
1 
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adsorption of a metal ion on a given oxide surface (see Chapter 2). 

The adsorption constants for the Ion Exchange-Surface Complex For-

mation Model were obtained by fitting the experimental results, 

analogous to the procedure used for b.G
0

h in the James-Healy Model. 
c em 

Namely, the adsorption constants >:< K~ and ,:, ~~ were adjusted so that a 

close fit was obtained between the experimental pH-dependent adsorption 

isotherms for Cu(II) and Pb(II) on Si0
2

, and the model computations 

for the same system. Parameters used for the computations using the 

Ion Exchange -Surface Complex Formation Model are listed in Table 5. 2. 

At the present time the program handles only the adsorption of 

metal ions on oxides, the surface potential of which is determined by 

pH. Provisions were made to handle the adsorption of ligands on 

the same kind of oxide surfaces. No provisions have been made for 

handling surfaces with fixed surface charge. 

5.2.2 Adsorption of Cu (II) on a-Quartz as a Function of pH 

and Ionic Strength 

For an aqueous solution containing 10-
6

M CuT, the equilibrium 

speciation shows that the hydrolysis of Cu(II) starts at pH 5. 5 (Figure 

5. 5a). It is characterized by a steep curve; at about pH 6. 9 the con-

centration of copper free ions is equal to the concentration of the 

Cu(II)-hydroxo complexes, shown as Cu-OH. According to Table 4. 5 

+ -
these complexes include CuOH (aq), Cu(OH)

2 
(aq), Cu(OH)

3 
(aq), 
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Table 5. 2 

Parameters Used for the Modeling of Cu(II) and Pb(II) 

Adsorption on ry-Quartz with the 

Ion Exchange -Surface Complex Formation Model 

pKint = -6.8 (Schindler and Kamber (1968)) 

Density of SiOH groups = 0. 0191 moles /kg (Schindler et al. 
(1975)) 

s 
-1. 8 1 og >:<fl s log>!<K = = -3. 8 

1, Cu . Z,Cu 

log >:<Ks = -1. 55 log >:< f3s = -4.5 
1, Pb Z , Pb 

log*Ks = -4. 15 
1, Na 
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2- 2+ 
Cu(OH)

4 
(aq), and Cu

2
(0H)

2 
(aq). Below pH 6. 9 most of the copper 

is in the form of the free metal ion, and above this pH in its hydrolyzed 

forms. The precipitation of Cu(OH)
2 

(s) does not take place in this pH 

range. Chloride complexes (Table 4. 6) are negligible. 

The addition of a-quartz to this solution causes a new equilib-

rium to be established. Namely, the equilibrium distribution of a 

-6 2 
system containing l 0 M CuT and 8=50 m I 1 shows that the adsorption 

of Cu(II) on ry-quartz is characterized by a sharp increase in adsorption 

between pH 4 and 6 (Figure 5. 5b). The circles represent experimen-

tally obtained data and the lines represent theoretical computations 

>:< 
using the James -Healy Model. Between pH4 and 6 the main computed 

+ 2+ 2+ 
adsorbing species is CuOH , followed by Cu . At pH 6. 5 Cu 

becomes less important, but the importance of Cu(OH)
2 

(aq) increases 

and it becomes dominant above pH 7. 5. The other hydroxo species of 

Cu(II) contribute less than 0. OOlo/o to the total amount of Cu(II) adsorbed 

in all cases. 

The supporting electrolyte affects the adsorption of a metal ion 

in three different ways. First, the ionic strength controls the charge 

density in the diffuse double layer. The addition of more electrolyte 

at a constant pH results in the compression of the e lectrical double 

':' In the forthcoming analyses of the experimental systems the dis­
cussions, if not stated otherwise, correspond to the computations 
done with the James-Healy Model. 
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layer. Consequently, the electric field at a given point is increased 

and the electrostatic potential at the same point is decreased, resulting 

in an increased solvation energy and a decrease in coulombic energy. 

The overall effect of the addition of more electrolyte to the system is 

a reduced adsorption of a given metal. Second, the ions of the sup-

porting electrolyte can themselves be treated as adsorbates competing 

for the adsorption sites with a given metal ion. Third, an influence 

of the supporting electrolyte can occur through complex formation of 

its anion with the metal ion in question. 

At both low and high pH values, changes in the ionic strength 

do not have any large influence on the adsorption of Cu(II) on Si0
2 

(Figure 5. 6). However, very pronounced changes do occur in the pH 

region characterized by the sharp increase in adsorption. An increase 

-3 -2 
in the ionic strength from I=l 0 to I=l 0 results in a shift of the 

adsorption edge approximately one pH unit higher. At the same time 

this shift reduces the amount of Cu adsorbed by almost 40% at pH 6. 

-2 -1 
Further increase in the ionic strength (I=l 0 to I-1 0 ) results in a 

less drastic, but still pronounced change. 

5. 2. 3 Adsorption of Pb(II) on ~-Quartz as a Function of pH 

-7 
The hydrolysis of 5 x 10 M PbT begins at a slightly lower pH 

than that of Cu(II) (Figure 5. 7a). At about pH 7 concentrations of all 

hydrolyzed species of Pb{II) are equal to the concentration of free 
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2+ 
metal ion, Pb . Below pH 7 most of the lead is present in the form of 

Pb
2

+, and above that pH it is hydrolyzed to PbOH+(aq), Pb(OH)
2

(aq), 

- 3+ 
Pb(OH)

3 
(aq), Pb

2 
(OH) (aq) (Table 4. 2 ). The given equilibrium is 

below the precipitation point for Pb(OH)
2 

(s ). Chloride complexes 

(Table 4. 3) amount to less than 3% of PbT. 

The equilibration of this solution with a-quartz results in a new 

0 
distribution of Pb which can be computed by using ~G h Pb=-6. 5 

c em, 
-1 

kcal mole (Figure 5. ?c). As in the case of Cu(II), the adsorption of 

Pb(II) begins at pH 4, increasing on a less steep curve; at pH 6 less 

than 90% PbT is bound to the surface. 

The solution in equilibrium with a-quartz has the same nor-

malized equilibrium distribution of species as the original solution 

prior to being equilibrated with ry-quartz (Figure 5. ?b). The lack of 

a shift in the normalized equilibrium distribution of Pb(II) in solution 

before and after adsorption reflects the unimportance of the adsorption 

of polynuclear Pb(II)-hydrolysis products. If polynuclear Pb(II)-

hydrolysis products were important, the normalized equilibrium 

distribution of the Pb(II) species after equilibration with Si0
2 

(s) would 

be expected to be lower than that prior to equilibration. 

5. 2 . 4 Adsorption of both Cu(II) and Pb(II) on a-Quartz from Equimolar 

Solutions as a Function of pH 

In the system containing Cu(II) and Pb(II) at equimolar 
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aqueous phase of the sys tem: 
- 7 

PbT(aq)=PbT-Pbads' PbT=5x10 M, 

S=75m
2 
It Min - U-Sil, !=10-

3 

IOOr-------,--------.---=~~~--==~~------. 
ca rbonate -f ree. 

Figure S . 7c Eq uilibrium distribution of Pb vs. pH in the system: 
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Experimental results modeled with the James-Healy Model. 
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concentrations (Figure 5. 8), an addition of an excess of surface area 

of Si0
2 

will not cause the competition between these metals for the 

available sites. As predicted by model computations, the adsorption 

of Cu(II) is followed very closely by Pb(II) (Figure 5. 9). At high pH 

values close to 1 OOo/o of both metals is removed from the solution by 

adsorption on a-quartz. 

5. 2. 5 Adsorption of Mg(II) and Ca(II) on a-Quartz as a Function of pH 

The interactions of Mg(II) and Ca(II) with quartz as a function of 

pH show that adsorption of both metals occurs at high pH values, where 

calculations predict the formation of MeOH + (James and Healy (1972a, 

1972b). Clark and Cooke (1968) found that the adsorption of magnesium 

from a 2. 5 x 10-
3 

M MgT solution and calcium from a 2. 5 x 10-
3

M CaT 

solution increased sharply at pH 9. 5 and 10. 5, respectively. 

Since Si0
2 

(s) dissolves in the strong alkaline region (e. g., pH 

12) forming orthosilicic acid and monomeric and polymeric silicates 

(Stumm et al. (1967)), Ahmed and Van Cleave (1965) have proposed 

that apparent increased adsorption of Ca by quartz at pH 12 is due to 

the formation of calcium silicate from the dissolved colloidal silica. 

James and Healy (1972a, 1972b) found that adsorption of Ca on 

-4 -2 
01 -quartz from a 1. 4 x 10 M CaT at I=l 0 rises abruptly at pH 9. 

They modeled their experimentally-obtained adsorption isotherm using 
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0 -1 
t.G = -7. 0 kcal mole for both free metal ion and hydroxo 

chem, Ca 

species. 

In the case of the adsorption of Mg and Ca on Si0
2 

(s) at lower 

-3 
ionic strengths (e. g., I=lO ) unforeseen problems arise in using the 

. 2+ . 
James -Healy Model: the adsorption of Me on S10

2 
at lower pH, 

which was not observed experimentally (Figure 5. 1 0). At high pH the 

Si0
2 

-surface has a high negative charge (Equation 2. 4). A low ionic 

strength implies a smaller K (Equation 2. 5). Hence, according to 

Equation 2. 3, the electrostatic potential at any distance x, t. '±' , is 
X 

increased, and the resulting electric field~ (Equation 2. 10) is 

decreased. An increased electrostatic potential and a decreased field 

strength imply an increased coulombic energy (Equation 2. 2) and a 

decreased de solvation e nergy (Equation 2.11 ), and thus an increased 

adsorption of a given metal. Since the hydrolysis of Mg(II) and Ca(II) 

is restricted to the higher pH range, the adsorbing species is the free 

2+ 
metal ion Me . Hence, this effect will be more pronounced for Ca(II) 

than for Mg(II), because the hydrolysis of Ca(II) starts at higher pH. 

In order to model the experimental results of the adsorption of Mg(II) 

-3 
and Ca(II) on a-quartz at I=l 0 (Figure 5. 11 and 5. 12, respectively) 

+ 2+ 
it was necessary to promote the adsorption of MeOH (aq) over Me (aq) 

0 
by imposing a different t.G h M over the pH range of adsorption. 

c em, e 
0 

The list of the values for t.G used for fitting the experin1ental 
chem,Me 
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results of the adsorption of Mg(II) and Ca(II) on Si0
2 

is shown in 

Table 5. 3 and 5. 4, respectively. 

5. 3 Influence of Citrate and EDTA on the Adsorption of Cu(II) 

and Pb(II) on a;-Quartz 

5. 3. 1 Modeling Considerations 

Since son1e of the Me-CIT and Me-EDTA complexes are: 

h ) 
. 2+ 

a) less charged t an, and b less solvated than Me , the James-. 

Healy Model would seem to predict an increased adsorption of Me in 

the presence of these ligands owing to the decrease in the secondary 

solvation energy. In Chapter 3 it was shown that citrate and protonated 

citrate themselves do not apparently adsorb on a-quartz. Therefore, it 

was necessary to account for the lack of adsorption of metal-citrate 

complexes in modeling the experimental systems. Following on the 

development of Chapter 2, metal-ligand complexes can be prevented 

from adsorbing by making their free energies of adsorption sufficiently 

positive. Omitting these metal-ligand complexes from the adsorption 

computations has the same effect. In the present research this second 

approach was used in modeling Cu(II) and Pb(II) adsorption on Si0
2 

in the presence of citrate and EDTA. 

5. 3. 2 Adsorption of Cu(II) on a-Quartz in the Presence of Citrate 

Citrate i s a very strong complexing ligand for Cu(II) (see the 
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Table 5. 3 

Chemical Free Energies Used for Modeling the 

Adsorption of Mg(II) on Si0
2 

(s) with the James -Healy Model 

~Go -6.2 kcal mole 
-1 = pH 5 to pH 8 

chem,Mg 

~Go -6. 5 kcal mole 
-1 

pH 8. 5 = chem, Mg 
0 

-7. 1 kcal mole 
-1 

pH 9 to pH 11 ~G = chem, Mg 
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Table 5. 4 

Chemical Free Energies Used for Modeling the 

Adsorption of Ca(II) on Si0
2 

(s) with the James -Healy Model 

0 
-5.3 kcal mole 

-1 
5 to pH 8 ~G = pH 

chem, Ca 

~Go -6.2 kcal mole 
-1 

pH 9 = chem, Ca 

~Go -7. 1 kcal mole 
-1 

pH 10 to pH 11 = chem, Ca 
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equilibrium constants for the Cu(II)-citrate complexes in Table 5. 5). 

Present at concentrations of CIT T = 0. 5 CuT, citrate binds half of the 

total Cu(II) (Figure 5. 13a). Hydrolysis is supressed and displaced 

to higher pH. The addition of a-quartz results in the adsorption of the 

available Cu
2 + and Cu-OH species, without having any appreciable 

influence on the Cu-citrate complexes (Figure 5. 13b). 

The increase in the concentration of citrate so that it is in ten 

-fold excess over Cu provides enough ligand to complex all Cu in this 

solution (Figure 5. 14a). The Cu(II)-citrate complexes are so strong 

that they successfully resist the competition of added a-quartz and, as 

a result , all the copper remains in the solution (Figure 5. 14b). 

As discus sed in Chapter 4, modeling of the experimentally 

obtained results for the adsorption of Cu(II) on Si0
2 

(s) will depend on 

the choice of the second stability constant for the hydrolysis of Cu(II). 

In order to illustrate this influence, modeling was done with two 

extreme cases: when Cu(OH)
2 

(aq) was not included in computations 

(Figure 5. 15), and when log ':',8
2 

= -13.7 (Figure 5. 16). Comparison 

of Figures 5. 15 and 5.16 shows that the resulting curves show a 

slight shift in the adsorption at higher pH; log':',a
2 

=-13. 7 yields better 

agreement between experimental and theoretical adsorption isotherms. 

In terms of the Ion Exchange-Surface Complex Formation 

Model, a higher hydrolysis constant implies a shift in the equilibrium 
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Table5.5 

Equilibrium Constants for 

Cu(II)-Citrate Complexes 

Species log Equilibrium Constant (1=10-
3

) 

Cu CITRATE (aq) 19.6 

Cu HCITRATE (aq) 21. 8 
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2+ 
away from Me , and thus a decrease in the adsorption. Computations 

done with this model indeed show a decrease in adsorption when 

log*q
2

=-13. 7 (Figure 5. 18) compared to those with log>!'8
2 

= -17.3 

(Figure 5. 17). 

5. 3. 3 Adsorption of Pb(II) on a-Quartz in the Presence of Citrate 

Because of quite low stability constants of Pb(II)-citrate com-

plexes (Table 5. 6), high concentrations of citrate relative to Pb(II) 

are needed in order to have Pb(II) complexed to an appreciable amount 

(Figure 5.19a). If CIT T =1 0 PbT, citrate competes successfully with 

OH for the metal ion, resulting in a shift in the "hydrolysis curve" 

above pH 6. Nevertheless, if the same aqueous system is re-equili-

brated with Si0
2 

(s) the affinity of the surface for the metal is much 

greater than the ability of citrate to complex the metal ion. As pre-

dieted theoretically, the Ph-CIT species dominate only at lower pH. 

In the pH range of normal adsorption of Pb(II) on a-quartz, Pb(II) 

remains attached to the surface (Figure 5. 19b). Even in the solutions 

with very high concentrations of citrate relative to Pb(II) (Figure 5. 2 Oa) 

a substantial amount of lead is still adsorbed on Si0
2

(s) (Figure 5. 20b). 

The addition of citrate to the inorganic system containing Cu(II) 

and ry-quartz reduced the total amount of Cu adsorbed over the whole 

pH range of adsorption; the addition of citrate to the system containing 

Pb(II) only dislocated the adsorption edge with the shift being toward 
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Species 

Pb CITRATE 

Pb HCITRATE 
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Table 5. 6 

Equilibrium Constants for 

Pb.{II)-Citrate Complexes 

log Equilibrium Constant {1=10-
3

) 

Pb OHCITRATE 

13. 91 

22.99 

28.89 
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higher pH (Figure 5. 21 ). As a result, the adsorption at high pH is 

not subdued to changes to any considerable extent. 

Modeling of the adsorption behavior of Pb(II) in the presence 

of different amounts of citrate with the Ion Exchange-Surface Complex 

Formation Model is shown in Figure 5. 22. 

5. 3. 4 Adsorption of Cu(II) and Pb(II) on a-Quartz in the 

Presence of EDTA 

Addition of a complexing agent to the system containing equi-

molar concentrations of Cu(II) and Pb(II) results in a slightly more 

complicated network of the chemical interactions. If the concentrations 

of metal ions and inorganic ligands are kept constant, the speciation of 

Cu(II) and Pb(II) will depend only on the amount of the complexing agent 

added to the system. Figure 5. 23 shows that the addition of EDTA 

(Table 5. 7) (EDTAT = 0. 5 CuT = 0. 5 PbT) mainly affects Cu at pH 

below 7; the amount of Cu present in the form of the free metal ion, 

2+ 
Cu is reduced to 60%. Above pH 7 the effect of EDTA on Cu slowly 

decreases, but at the same time it becomes more effective for Pb(II). 

Above pH 7. 5 the main influence is on Pb(II), decreasing its hydrolysis 

about 50%. This increased tendency for the complexing of Pb with 

EDTA at higher pH is also evident in the presence of adsorbent Si0
2 

(s ), 

causing a decrease in the Ph-adsorption (Figure 5. 24). On the other 

hand, a decrease in the Cu(II)-EDTA complexes results in an increased 
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Table 5. 7 

Stability Constants for the Cu(II)-EDTA and Pb(II)-EDTA Complexes 

Species 

Cu EDTA(aq) 

Cu HEDTA(aq) 

Cu OHEDTA(aq) 

Pb EDTA(aq) 

Pb HEDTA(aq) 

-3 
log Equilibrium Constant (I=l 0 ) 

Kl 

KlH 

Kl OH 

Kl 

KlH 

20.95 

24.49 

8.93 

20.25 

23.45 

..... 
N 
0 
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adsorption of Cu. 

The addition of a greater amount of EDTA (EDTAT = CuT = PbT) 

alters the speciation of both metals, still having a more profound 

influence on Cu at lower pH values, and on Pb at higher ones (Figure 

5. 25 ). The same effect of EDTA on these two metals exists in the 

presence of Si0
2 

(s) (Figure 5. 26). 

It can be concluded that the addition of EDTA has different 

effects on Pb and Cu. In the case of Pb(II) the effect is manifested 

more as a restraining of the adsorption (Figure 5. 27), while in the case 

of Cu more as a displacement of the adsorption edge with a slight re-

duction in the adsorption (Figure 5. 28). This effect is the opposite of 

that obtained by the addition of citrate, but in agreement with the 

expectations based on the relative stability constants. 

5. 4 Conclusions 

The adsorption of Cu(II) and Pb(II) on ~-quartz is very fast: 

90-l OOo/o of MeT is adsorbed during the first 5 minutes. For an ionic 

strength of I = 10-
3 

the adsorption isotherms of Cu(II) and Pb(II) on 

,y-q uartz are characterized by a sharp increase in adsorption between 

pH 4 and 6. An increase in the ionic strength results in a shift of the 

adsorption edge toward higher pH. 

Modeling of the experimental systems can be carried out success-

fully by combining chemical equilibrium and adsorption computations, 
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using either the Ion Exchange -Surface Complex Formation Model or the 

James-Healy Model. A sensitivity test of both models shows that for 

Cu(II) the choice of the hydrolysis constant (e. g., :!<8
2

Cu(OH)
2

(aq)) is 

an influential factor in modeling the experimental results. 

At lower ionic strengths (e. g., I = 10-
3

) modeling of the 

adsorption of Ca (II) and Mg(II) on Si0
2 

with the James -Healy Model 

z+ 
overestimates the adsorption of Me at lower pH. This effect can be 

overcome by imposing different values for the chemical free energy 

over the pH range of adsorption. 

In the presence of citrate and EDTA, the position of the 

adsorption equilibrium is determined by competition between metal ion 

complexation in solution and metal adsorption on a-quartz. Since the 

computations with the Ion Exchange-Surface Complex Formation Model 

are based on reactions of the free metal ions with the surface hydroxo-

groups, any complexation reduces the adsorption. Therefore, no 

special provisions are necessary to account for decreased adsorption 

owing to complexation. The resulting computations are in a very close 

agreement with the experimental results. 

The James-Healy Model, on the contrary, does not explicitly 

account for decreased adsorption owing to complexation. However, by 

assigning the metal-ligand complexes sufficiently positive chemical 

free energies, the model can compute a decreased adsorption of 
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metals in the presence of "non-adsorbing" ligands. The same effect 

is obtained by omitting the adsorption computations for these metal­

ligand complexes, and considering only the adsorption of the free metal 

ions and the metal-hydroxo species. This approach resulted in a 

successful modeling of the adsorption of Cu(II) and Pb(II) on Si0
2 

in 

the presence of citrate and EDTA. 
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Chapter 6 

ADSORPTION OF Pb(II) AND Cu(II) ON a-QUARTZ 

IN A CARBONATE SYSTEM 

6. 1 Introduction 

The present investigation on the factors controlling Pb(II) and 

Cu(II) adsorption on a-quartz shows that the important environmental 

parameters are: a) type of the trace metal and its concentrations, 

b) available surface area, c) pH, d) ionic strength, and e) the identity 

and quantity of the organic ligand. In order to under stand and predict 

the behavior of Pb(II) and Cu(II) under the conditions encountered in 

natural aquatic environments, it is necessary to study their chemical 

behavior with experimental conditions resembling those found in natural 

waters. Hence, in this chapter the adsorption of Pb(II) and Cu(II) on 

Si0
2 

is studied in the presence of one of the most abundant ligands in 

natural waters: carbonate. The order of presentation in this chapter 

follows closely to that used in the related sections of Chapter 5. 

It will be assumed in the following presentation that the reader 

is acquainted with the equilibrium aspects of carbonate chemistry in 

aqueous systems. The set of reactions and relationships describing 

aqueous carbonate chemistry is given in Table 6. 1. 
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Table 6. 1 

Aqueous Carbonate Solution Opened to the 

Atmosphere with Constant p 
0 c 2 

Aqueous Species: 

H CO~' 
2 3 

HC0
3 

[H co':' l 
2 3 

[Hco; l 

2-
[ C03 J 

r Alk l 

- 2- + 
C0

2 
(aq), H

2
co

3
, HC0

3
, co

3
, H , OH 

[H
2 
co;l =[ co

2 
(aq)l +[H

2 
co

3 
J 

[C0
2 

(aq)l>>[H
2 
co

3
] ; [ co

2 
(aq)l~::{H2 co;J 

Kl + 
-+ H +HC0

3 -
K2 + 2-
;:! H +C0

3 

[H CO':' ] CT = 2 3 

= CTao 1)10 

= CT'Yl ()11 

= CTry2 ~2 

[H CO'~ ] 
K = 2 3 

H Pco 

K = 
2 

+ -2 
[H l[HC0

3
] 

[H CO>:<] 
2 3 

[H+J[CO~-J 

[HC03] 

- 2-
+ [Hco

3
] + rco

3 
J 

Kl Kl K2 -1 
= (1+- + ) 

[H+l [H+J2 

+ K 
= (liU. + 1 +-2 )-1 

Kl [H +] 

[H+l 2 rH+l 
= 

(KlK2 + + 1) 
K2 

= [Hco;l 
2- -

+ 2 [ co
3 

} + [ oH J - [H+l 

= CT(a
1 
+2~2 ) + [OH- J - [H +] 

-1 

(6. 1) 

(6. 2) 

(6. 3) 

(6. 4) 

(6. 4) 

(6. 5) 

(6. 6) 

(6. 7) 

(6. 7a) 

(6. 7b) 
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6. 2 Adsorption of Pb(II) on q-Quartz in the Presence and 

Absence of Citrate 

The distribution of Pb(II) species in a carbonate system can be 

calculated with the constants in Table 6. 2. 

As explained in Chapter 3, a range of pH values in the carbonate 

systems was obtained by varying the alkalinity. A pH of 6. 2 corres-

ponds to a pCT of 4. 7, and a pH of 8 to a pCT of 3. 29. Throughout this 

chapter, %Me is plotted as a function of pH. 

From Figure 6. 1a with pH> 7 the complexes of Pb(II) with car-

bonate (Pb-C0
3

) are the predominant Pb(II) species. They include two 

species: PbC0
3 

(aq) and Pb (C0
3 

)
2 

(aq) (Table 6. 2 ). For pH <7, the 

. 2+ 2+ . 
predominant species 1s Pb . At pH 7.1 [Pb J = [Pb-C0

3
] = [Pb-OHJ 

where Pb-OH stands for all the hydrolysis products of Pb(II) considered 

in computations. 
>!< 

In the presence of Si0
2

, 90-100% PbT is adsorbed in 

the pH range 6. 2 - 8 (Figure 6. 1 b). 

In the presence of citrate, the Pb(II} species distribution, in-

eluding the fraction sorbed, is determined by the amount of citrate 

added (Figure 6. 2a, b and Figure 6. 3 a, b). Figure 6. 4 shows that 

relatively high c oncentration of citrate must be added to the system in 

order to cause a definite change in the adsorption behavior of Pb(II) in 

':' Modeling of the adsorption systems with the James-Healy Model con­
siders adsorption of only free metal ions a.nd metal-hydroxo species. 



Species 

PbC0
3 

(aq) 

PbC0
3 

(s) 
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Table 6. 2 

Equilibrium Constants for the 
- 2-

Pb(Il)-C02 -HC0
3 

-C0
3 

System 

log Equilibrium Constant (1=10-
3

) 

K 
so 

7. 27 

10.67 

13.07 

19. 10 
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2
=10 · atm. Experimental 

J. 

. results m odeled wit(, the James ·· H ealy Model. 
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the pH range 6. 2-8. 0. High concentrations of citrate shift the sus-

pension pH to slightly higher values. The James-Healy Model 

(Figure 6. 4), as well as the Ion Exchange-Surface Complex Formation 

Model (Figure 6. 5), results in adsorption isotherms which are in 

close agreement with the experimental results. Hence, both laboratory 

measurements and the model computations (using either of the ad-

sorption models) indicate no adsorption of PbC0
3 

(aq). These findings 

are contrary to those of Stumm and Bilinski (1972 ). 

6. 3 Adsorption of Cu(II) on a-Quartz in the Presence and 

and Absence of Citrate 

In the presence of carbonate, Cu(II) forms the following species: 

2-
CuC03 (aq), Cu(C0

3
)
2 

(aq), and Cu
2 

(OH)
2
co

3 
(s ). The corresponding 

stability constants are given in Table 6. 3. In the system discussed 

2-
below OH and Cl also compete with co

3 
for Cu(II). As a result, 

2+ 
the main species below pH 6. 8 is Cu and above pH 6. 8, Cu-OH. The 

species Cu-co
3 

(aq) account for only~ 1 Oo/o of CuT, and Cu-Cl species 

are unimportant (Figure 6. 6a). In the presence of a-quartz, Cu(II) 

is completely removed from the solution by sorption, as was the case 

in the carbonate-free system (Figure 6. 6b). 

The addition of citrate (CIT T=O. 5 CuT and CIT T=CuT) reduces 

the amount of free and hydrolyzed copper species in the absence of 

a-quartz to 50o/o (Figure 6. 7a) and to less than 10% (Figure 6. Sa), 
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Table 6 . 3 

Equilibrium Constants for the 
- 2-

Cu-C02 -HC0
3 

-C0
3 

System 

log Equilibrium Constant (I=l0-
3

) 

'~K 
so 

6.6 

9.8 

5. 82 
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respectively. Carbonate-containing species are unimportant. In the 

presence of Si0
2

, a remarkable degree of adsorption still occurs (Fig-

ures 6. 7b and 6 . 8b). If citrate is present in a large excess over CuT 

(CIT T=l OCuT), all the Cu(II) is complexed by citrate, as was the case in 

the carbonate-free system (Figure 6. 9a). Even in the presence of 

excess of surface area, Cu(II} remains complexed by citrate and, con-

sequently, stays in solution (Figure 6. 9b}. 

Modeling of the experimental systems in the presence and ab-

sence of citrate was carried out with both the Ion Exchange-Surface 

Complex Formation Model and the James -Healy Model. The Ion 

Exchange-Surface Complex Formation Model with log ':'~2 =-17. 3 

(Figure 6. 1 0) s hows a g ood agreement with the experimental results 

for the two extreme cases: with no citrate present, and with ten fold 

excess of citrate over c opper (i.e., CITT= lOCuT). However, in the 

intermediate re g ion, that is when CIT =0. 5 Cu and CIT =Cu , there 
T T T T 

are large discrepancies between the theoretical predictions and the 

experimental results; the theoretically predicted adsorption isotherms 

curve in a direction opposite to that of the experimental curves. Since 

the computations with the Ion Exchange -Surface Complex Formation 

Model are based on comp~tition between ligands and surface for the 

free metal ion (see Chapter 2), the addition of any ligand reduces the 
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4. ·, Log ':' ,s
1

cu{OH)
2

(aq)=-17. 3. Experimental results modeled with 

t lJe :i on ExchaJJg e - Surfa ce Complex Formation Model. 
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adsorption by reducing the free metal ion concentration. Since com-

plexation of Cu(II) with both hydroxide and carbonate increases with 

increasing pH, the expected result is a decrease in the free metal ion 

with increasing pH and, consequently, a decrease in the adsorption when 

2+ 
[Me -OHJ +[ Me-C0

3 
]>[Me J. This results in the concave-down nature 

of the predicted adsorption curves in the pH range 6. 2-8. 0. 

A larger hydrolysis constant implies a shift in the aqueous 

equilibrium away from Cu-C0
3 

(aq), toward the production of Cu(OH)
2
(aq). 

This shift would result in a further decrease in the free metal ion. Indeed, 

~ * . Figure 6. 11 shows that the larger ,, 8
2 

(i.e., log ,a
2

=-13. 7) results in 

greater disagreement between the experimental results and model 

predictions. It can be concluded, therefore, that .better agreement 

between the model and the experimental results can be obtained by 

considering also the reactions between the surface OH groups and the 

hydrolyzed metal species, i.e. , 

2m-n 
(= SiOH) +Me (OH) 

m n 

2m-n 
2 (= SiOH) + Me (OH) 

m n 

2m-n + 
(= SiO)Me (OH) + H 

m n 
(6. 8) 

2m-n + 
(=Si0)

2
Me (OH) + 2H 

m n 
(6. 9) 

Where m =l 2 and n=O 1 2 ... are the stoichiometric coefficients ' , . . . , ' ' 

of the (+2) charged metal Me and the OH groups, respectively. 
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3
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2

Cu(O:t1)
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Io n Exchange-Surface Complex Formation Model. 
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In the James-Healy Model any species with the charge zero can 

0 
be easily adsorbed if given a l:IG h . favorable to the adsorption, 

c em,1 

because its de solvation energy is equal to zero. Hence, Cu(OH)
2 

(aq) 

will have a si gnific a nt influence on the over t::,.G
0

d , the tendency being 
a s 

to increase the adsorption (as discussed in Chapters 4 and 5). Modeling 

with the James -Healy Model was tested for three different cases: 

a) when Cu(OH)
2 

(aq) is omitted from computations for the equilibrium 

system (Figure 6 . 12), b) when log >:',a
2

=-17. 3 (Figure 6. 13), and c) when 

log >:' ,g
3

=-13. 7 (Figure 6.14). Case a) resulted in a good agreement 

between experimental and theoretical results only when no citrate is 

present, or when present in ten-fold excess over copper; for CITT= 

0. 5 CuT a nd CIT T=CuT there is a large disagreement between computed 

and experimentally-dete rmined adsorption. Case b) resulted in 

essentially the s ame curves, because log ':' ,B
2

= - 17. 3 is too small a con-

stant to cause any appreciable shift in equilibrium toward production of 

Cu(OH)
2 

(aq). A much larger second hydrol ysis constant is needed in 

order to ma k e a significant shift. According to Figure 6. 14, log >!' ,B= 

-13. 7 shifted the equilibrium to such an extent that reasonable agreement 

was obtained for the case when CIT T= 0. 5 CuT, and a very good agree­

ment for CIT T=CuT. Therefore, it can be concluded that the James­

Healy Model used w ith log':',a
2 

= -1 3 . 7 offers a consistent interpretation of 

the experimentally obtained results. Actually, the adsorption data can 
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be viewed as an indirect way of estimating the second hydrolysis con-

stant for C u(II). 

6. 4 Conclusions 

The discrepancy between the theoretically predicted adsorption 

and the experimental results for the adsorption of Cu(II) on ~-quartz 

- 2-
in the C0

2
-HCO -CO system can be attributed to several reasons: 

3 3 . 

l. adsorption of citrate followed by C u, or adsorption of 

Cu-CIT complexes 

2. adsorption of CuC0
3 

(aq) 

3. unreliable hydrolysis constant(s). 

As described in Chapter 3, adsorption of citrate was tested 

. 14 
w1th C -CIT. These experiments did not yield any evidence for the 

adsorption of citrate or copper -citrate complexes. 

Experimental results obtained with c 14 
-NaHC0

3 
seemed to 

indicate that the adsorption of carbonate species was possible. Never-

- 2-
theless, the experimental behavior of Pb(II) in the C0

2 
-HC0

3 
-C0

3 

systems studied, as well as theoretical predictions based on the 

available stability constants do not indicate that there is any adsorption 

of PbC0
3 

(aq). It is not considered likely that Cu(II) would behave dif-

ferently than Pb(II). Therefore, the discrepancy between the experi-

mental results and the theoretical predictions in the case of Cu(II) in 

carbonate systems studied is not caused by the adsorption of CuC0
3

(aq) 
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on Si0
2 

(s ). Since the adsorption of carbonate followed by the adsorption 

of the metal ion is indistinguishable from the adsorption of Me-C0
3 

complexes formed in the solution, the implication is that carbonate 

itself does not adsorb either. The same reasoning can be applied to 

Hco;. That is, the possibility for the adsorption of Hco; or Pb-HC0
3 

can be eliminated since a discrepancy between the computations and 

the experimental points was not observed. 

This reasoning brings one to the conclusion that the observed 

14 . . h cl4 disappearance of C from the solution (in the exper1ments w1t -

NaHC0
3 

described in Chapter 3) is caused by the adsorption of 

H
2 
co

3 
(aq) or C0

2 
(aq). Carbonate, therefore, acts only as a ligand 

competing for the metal together with citrate and Si0
2 

(s ). 

In the carbonate- containing systems, an accurate knowledge of 

the hydrolysis constant(s) is more important for modeling than in the 

carbonate-free systems. Predictions with the James-Healy Model 

depend very much on the choice of the second hydrolysis constant for 

Cu(II): orily log ,:' /3
2 

=-13. 7 results in theoretical adsorption isotherms 

which are consistent with the experimental points. 

Modeling of the experimental systems with the Ion Exchange-

Surface Complex Formation Model did not prove to be satisfactory in 

the case of Cu(II) adsorption on o:-quartz because the model considers 

only the adsorption of free metal ions. If the model would be expanded 
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by inclusion of reactions between surface hydroxo groups and metal­

hydroxo species, better agreement would be obtained between the 

model and the experimental results. 
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Chapter 7 

SUMMARY OF CHAPTERS 2-6 

This research has attempted to interpret the adsorption of 

hydrolyzable cations in terms of their chemical speciation in aqueous 

systems. Specifically, experimental studies of the adsorption of Pb(II) 

and Cu(II) indicated that the extent of the adsorption of these metals on 

ry-quartz is determined by the composition of the aqueous solution. The 

addition of a non-adsorbing ligand, such as citrate or EDTA, resulted 

in a competition between chelation and adsorption. It was shown that 

the results of such competition could be interpreted and predicted in 

terms of an equilibrium between those species in the solution and those 

adsorbed on a-quartz. The main difficulty with these theoretical pre-

dictions was the lack of reliable data for the stability constants of 

metal-ligand complexes. The fact that ':'{3
2 

for the hydrolysis of Cu(II) 

is not accurately known was e specially a problem in this research. 

The choice of thi s constant was made on the basis of potentiometric 

. . f c 2 + htrahons o u . 

The quantitative analysis of the adsorption systems, obtained 

with two different adsorption models (the James-Healy Model and the 

Ion Exchange-Surface Complex Formation Model) revealed that, in 

some cases, both models gave a reasonable fit for the experimental 
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results; in other cases, calculations obtained with the James -Healy 

Model were in much better agreement with the experimental results 

than those obtained with the Ion Exchange-Surface Complex Formation 

Model. The discrepancy between the experimental results and the 

theoretical predicitions of the Ion Exchange -Surface Complex Formation 

Model is believed to be its thesis that only the free metal ions are 

capable of adsorbing. This model may be improved by including the 

possibility of reactions between surface OH groups and hydrolyzed 

metal species. 

Figure 7. 1, a flow chart summary of the pre sent research, 

shows that experimental systems of gradually increasing complexity 

can be successfully modeled if reliable stability constants are available. 

The types of chemical systems that occur in the natural aqueous en­

vironments, may thus be modeled. Unfortunately, it would be an im­

mense task to determine the constants for the adsorption of all metals 

on the many surfaces found in natural waters, together with the con­

stants for the adsorption of ligands and their metal-ligand complexes. 

The preceding experimental data and the resulting conclusions about 

the interaction between adsorption and complexation can be, however, 

combined with some intelligent estimates and used in models of the 

chemical behavior of trace metals in more complex aquatic environ-

ments. In particular, Chapter 8 will examine the chemical behavior 
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of trace metals in much more complex environments than encountered 

in the present experimental research, with emphasis on Pb(II) and 

Cu(II). 
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Chapter 8 

CHEMICAL MODELS OF FRESH WATERS 

UNDER OXIDIZING CONDITIONS 

8. l Introduction 

This chapter examines the chemical interactions and the com-

petitions between Pb(II) and Cu(II) and different constituents of natural 

waters; biological and physical aspects are beyond the scope of this 

study. The first two sections (8. 2 and 8. 3) investigate the response of 

-3 5 
a body of oxic fresh water (PE = 12, Pco

2 
= 10 • atm) containing major 

cations (Ca, Mg, K, Na), 9 trace metals (Pb, Cu, Ni, Zn, Cd, Co, 

Hg, Mn, Fe), 8 inorganic ligands (C0
3

, S0
4

, Cl, F, Br, NH
3

, P0
4

, 

OH) and a surfac e with the adsorption characteristics of Si0
2 

(s), to 

changes in pH, types of adsorbing surfaces, surface area, and the 

presence of organic ligands. 

In Section 8. 2 inorganic models of oxic fresh waters are 

presented. Three cases are considered: 

l) distributions of metals as a function of pH in the presence of 

constant surface area; 

2) distributions of metals as a function of different adsorbing 

surfaces; 

3) adsorption of metals (at a constant pH) as a function of sur-

face a rea. 
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Section 8. 3 considers the effect of selected organic ligands 

(EDTA, citrate, aspartic acid, histidine, cysteine) on the speciation 

and distribution of metals. These organic models consider: 

1) distributions of metals as a function of concentration of the 

above-listed organic ligands at constant pH and constant 

adsorbing surface area; 

2) distributions of metals as a function of adsorbing surface 

area under the conditions of constant pH and equimolar con­

centrations of the organic ligands; 

3) adsorption of metals (at a constant pH) as a function of 

both surface area and organic ligand concentratims. 

Section 8. 4 summarizes the previous two sections and draws 

conclusions about the chemical behavior of the above-listed nine trace 

metals in oxic fresh-water aquatic environments. 

8. 2 Inorganic Models 

8. 2. 1 General Considerations 

Representative fresh-water concentrations of the above listed 

metals and inorganic ligands, which are used as the constant inputs for 

modeling fresh waters, are tabulated in Table 8. 1. The compilation 

does not, however, include chromium, nitrate, and iodine. They were 

omitted for the .following reasons. The speciation and distribution of 

chromium in river waters is poorly known (Brewer (1975)). It is 
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Table 8. 1 

Inputs':' of Metals and Ligands Used for Modeling 

Oxic Fresh Waters (pE:=l2, pCO =10-
3

· 
5 

atm) 
2 

Constituent 

Ca 
Mg 
K 
Na 
Fe 
Mn 
Cu 
Cd 
Zn 
Ni 
Hg 
Pb 
Co 
co3 
so4 
Cl 
F 
Br 
NH3 
P04 

-log molar total concentration 

3.4 
3.77 
4.23 
3.56 
5. 0 
5. 5 
6.0 
6.0 
7.0 
6.5 
9.0 
7.0 
7. 5 
3.0 
3. 9 
3.65 
5. 5 
6.62 
5. 5 
5. 0 

>:< These values are representative of those reported for natural waters 
by Livingstone (1963) and Bowen (1966). 
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thought to be critically determined by oxidation-reduction processes 

in which the equilibrium for the Cr(III)-Cr(VI) redox couple is not 

attained. Since the model computations predict the equilibrium dis-

tribution, chromium would be computed to be present exclusively as 

4-
Cr(VI) (i.e., Cr0

2 
). Nitrate was not included in model computations 

because a) it does not form any important aqueous complexes with 

trace metals, and b) the behavior of nitrate is dominated by its im-

portant role in biological cycles. Iodine is present in natural waters 

both as iodide (I-) and iodate (IO;). Analytically, it has been deter-

mined that iodide forms 20-30% of the total iodine present (Stumm and 

Brauner (1975 )). The biological activity of iodine through photosyn-

thesis, however, often brings about a disequilibrium. 

8. 2. 2 Distributions of Metals as a Function of pH 

The pH range investigated in this section is 6. 2-8. 0 (the same 

as in the laboratory measurements described in Chapter 6). The sur-

face area of the adsorbent (expressed in -log (hectares /1 )) was estimated 

tobel.55m
2

/lbyassuming 310 mg/1 suspended solids expressed as 

2 
equivalent Si0

2
(s), which has a specific surface area of 5 m /g. Ad-

sorption equilibria were computed using the James -Healy Model. The 

values for the chemical free energies of the adsorption of metals were 

either determined in the present research, taken from the results of 

James-Healy (1972c), MacNaughton (1973), or set equal to -6.5 kcal/mole. 
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According to the model calculations Pb(II) is present mainly as 

the free metal ion below pH 7. 1, and as Pb-C0
3 

species above that pH; 

hydroxo species and adsorption account equally for most of the re­

maining Pb. The combined total of Pb-OH and Pb-C0
3 

never exceeds 

15o/o (Figure 8. 1 ). Complexes with sulfate, chloride, and bromide 

appear at very small concentrations. 

The computed distribution of Cu(II) depends upon the choice of 

the second hydrolysis constant (>:' t3
2

Cu(OH)
2 

(aq)). A large stability con­

stant (log ':'.8
2 

=-13. 7) results in highly pronounced adsorption throughout 

most of the examined pH range (Figure 8. 2 ). The hydrolysis products 

of Cu(II) are present at concentrations Pb-0~0. 25 Pb-ADS. Cu-C0
3 

species are present at much lower concentrations, and complexes 

with halides, sulfate, phosphate, and ammonia are of even smaller 

significance. A smaller stability constant (log ':< t3
2

=-17. 3) results in 

a shift in equilibrium away from the production of hydrolyzed species 

(Figure 8. 3). At the given pH and alkalinity, there will be a tendency 

towards complexation with carbonate. Precipitation of Cu
2 
C0

3 
(OH )

2 
(s) 

will occur around pH 7. 2, and above pH 7. 5 most of the Cu(II) will be 

removed from solution as Cu
2
co

3 
(OH)

2 
(s). 

For Co(II), Ni(II), and Zn(II), throughout the pH range 6. 2-

8. 0, the predominant species is the free metal ion (Figures 8. 4-8. 6, 

respectively). At a pH less than 7 the second most dominant species 
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for all three metals are their respective metal- sulfate complexes, and 

at pH>7 their carbonate complexes. At pH 8, only 2. 4%, 6. 3%, and 

2. 6% of Co, Ni, and Zn, respectively, are sorbed on Si0
2

{s). 

The formation of CdC0
3 

(s) precipitate above pH 6. 9 results. in 

a sudden decrease in the concentration of Cd
2 + {Figure 8. 7). Con-

sequently, adsorption and complexation are of much smaller impor-

tance. Hg(II), under the model environmental conditions, is present 

mainly either in chloro complexes {below pH 7. 1 ), or in hydroxo com-

plexes {above pH 7. 1 ); at pH 8. 1 less than 15% of Hg{II) is adsorbed on 

Si0
2 

{s) (Figure 8. 8 ). 

8. 2. 3 Distributions of Metals at a Constant pH as a Function of 

Different Adsorbing Surfaces 

The equilibrium distributions of trace metals in oxic fresh 

2 
waters at pH 7 in the presence of 1. 55 m /1 Si0

2 
(s) are shown in 

Table 8. 2. The numbers are the negative logarithms of the molar con-

centrations, and dashed lines indicate that the species were not con-

sidered in the computations. The following results are of particular 

interest. The free metal ion is the predominant species for the 

following nine metals: Ca(II), Mg(II), K(I), Na(I), Cd(II), Zn(II), 

Ni(II), Pb(II), and Co(II). Cu(II) is primarily adsorbed on Si0
2

(s}, 

while Hg(II) is mainly hydrolyzed. The inorganic ligands are associ-

ated mainly with Ca(II), Mg(II), K(I), and Na(I). The complexes 



8 

9 

O IQ 1m "-OVI ~ :;;;> --::;...... --==----- --
II 

12 

13 

6.2 6.4 6.6 6.8 7.0 7.2 7.4 7.6 7.8 80 

pH 
Figure 8.4 Speciation of Co (U) in natural f resh wate rs as c 

function of pH in the presence of 1. 55 m
2
/t Si0

2
(s }. 

z 
<> 

6 r--.---.--,--.---,--.--,---,--, 

7 

8 

9~ 

10 

II 

12 

6 .2 6.4 6.6 6.8 7.0 7.2 7.4 7.6 7.6 8.0 
pH 

Figure 8. 5 Speciation of Ni(ll) in natural fresh v·aters as a 

function of pH in the presence of 1. 55 m ~It SiO: (s ). 

7 •• 

8 

91 ""~v• • -· ::::;:::::'"' ....-=:::::=-~ -----= w 
ciO 

N 
<> 

II 

13 k::=- ------= lnt:lr ~....J 

U ~ U U W U ~ H U M 
pH 

Figure ~ - 6 Speciation of Z_·,(ll) in natu ral !res. ·,~,·.,.ten 

as a function of pH in ~~.e prese .• c e 0£ 1. ::: rr- /t Si0
2

(s ), 

., 
u 

6 

7 

8 

0. 9 

10 

II 

6.2 6.4 6.6 6.8 7.0 7. 2 7. 4 7.6 7.8 8.0 
pH 

Figure 8. 7 Distribution of Cd{ll) in natu ral fresh waters 

as a function of pE in the presence of I. 55 m
2 tt Si0

2 
(s ). 

9 

10 

II 

"? 
0.12 
I 
0. 

13 

14 

15 

u ~ u u ro n ~ n m M 
pH 

Figur e 8. 8 Speciation of Hg(ll) in natu ral fr esh waters 

as a function of pH in the presence of 1. 55m2 /tSi0
2

(a) 

...... 
Ci' 
00 



Table 8. 2 
>:'* 2 Equilibrium Speciation in an Oxic River Water of pH 7 in the Presence of 1. 55 m I-t SiOz(s) 

co
3 

so
4 

Cl F Br NH
3 

P0
4 

Total 3. 0 3.9 3.65 , 5.5 6.62 5.50 5.0 
cone. Free 

! co.nc.~ 7. 27 3.92 3.65 5. 50 6.62 7. 52 10.97 ... 
Cat 3.4 3. 41 6.41 5.41 - 8. 01 - 11.04 7. 41 

Mg 3. 77 3.78 6. 77 5.67 - 7.67 - 11. 20 7. 27 

K 4.23 4.23 - 7. 24 - - - - -

Na 3.56 3.56 9.82 6.97 - - - - -
Fe (III)# 5.0 17. 77 - 18.14 20.30 17. 92 23. 76 - 15.84 

Fe(II) - 17.00 - 18.99 19.94 - - 23.22 13.99 
"' Mn~- 5.5 9.91 12.42 11.90 12.65 - 15.82 16. 73 12.90 

Cu 6.0 6.93 7.84 8.92 8.55 11. 32 12.64 10.36 9.51 

Cd:f 6.0 6. 16 8. 17 8. 15 7. 79 10. 75 10.87 11. 18 13.78 

Zn 7.0 7.01 9.08 9.00 9.44 11.41 12. 92 12.34 10.40 

Ni 6.5 6.52 8. 40 8. 51 9.86 11. 12 12. 73 11. 35 10.21 

Hg 9.0 17.06 13.39 18.95 9.30 21. 15 12.47 14.59 -
Pb 7. 0 7.29 7. 50 8.88 9.41 - 12.20 - -
Co 7. 5 7.52 9.49 9.31 9.96 - 13. 73 13.04 11.11 

H - 7.00 4.16 8.88 - 9.57 - 5.50 5. 29 

* pMn0
2

(s)=5. 5 # pFe(OH)3(s)=5. 0 t pCa5(P04 )
3

0H(s)=5. 8 :f pCdC0
3

(s)=6. 56 
**Concentrations are expressed as negative logarithams. 

Si0
2 

(s) OH 

3.8 -

4.01 6.93 

6.05 8. 72 

6.85 8.09 

6.90 -
6.24 -
8.91 10. 28 

- 18. 71 

11.84 13. 12 

6. 17 6. 73 

9.00 9. 27 

9.58 9. 48 

8.39 8.33 

10.06 9.39 

8. 14 8. 10 

9.87 9.82 

- -

~ 

0" 
--D 
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with other metals are less significant. Approximately 61. 6% of the 

Si0
2 

(s) surface remains free; the rest is associated with Ca(II) 

(14. 5o/o), Cu(II) (9. 8o/o). Na(I) (9. 4o/o), K(I) (2. 5o/o), and Mg(II) (2. Oo/o). 

Four solid phases are formed: Mn0
2

(s), Fe(OH)
3

(s), Ca
5
(P0

4
)
3

0H(s), 

and CdC0
3 

(s ). It has been proposed by Jenne (1968) that hydrous 

oxides of Mn and Fe provide the principal control on the fixation of 

metals in soils and fresh-water sediments. In order to include iron 

hydroxide and manganese dioxide as adsorbing surfaces in modeling 

of oxic fresh waters, one can use Table 8. 2 to generate a more re-

alistic result by converting the units of the precipitated Fe(OH)
3 

(s) 

and Mn0
2 

(s) (moles /1) into surface area /1. The respective specific 

surface areas were found to be very high, ranging from 23 0 to 

320 m
2 

/ g for Fe (OH)
3

(s) (Jenne (1968 ); MacNaughton (1973 )), and from 

2 
260 to 300m /g for Mn0

2
(s) (Morgan and Stumm (1964); Murray 

(1973)). The conversion of moles/1 of the precipitated Fe(OH)
3

(s) and 

2 
Mn02 (s) into surface area/1 results in SFe(OH)

3
(s)=O. 3m /1 (assuming 

2 2 . 
an average of 275m /g) and SMn0

2
(s)=O. 08 m /1 (assuming an average 

2 
of 280m /g). The values for the chemical free energies for adsorption 

of metal ions on Mn0
2 

(s) are: 
0 0 

b.G h =-5. 17 kcal/mole, b.G h C 
c em, Cu c em, o 

=-5.5 kcal/mole, b.G
0

h M =-5.48kcal/mole, b.G
0

h N.=-4.25 
c em, n c em, 1 

0 
kcal/mole, and b.G h Z =-4. 85 kcal/mole (Murray (1973)). The 

c em, n 

chemical free energies for the other metals were selected to be 
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-4.85 kca1/mole. Since it was shown in Chapter 2 that the Fe(OH)
3

(s)­

adsorption characteristics should resemble those of Si0
2 

(s), the ad­

sorption free energies of all the trace metals on Fe(OH )
3 

(s) were 

assumed to be - 6 . 5 kcal/mole. The resulting computations are shown 

in Table 8. 3. 

Comparison between Tables 8. 2 and 8. 3 shows that the addition 

of Mn0
2 

(s) and Fe (OH)
3 

(s) did not cause any changes in the amounts of 

metals either sorbed on Si0
2 

(s) or complexed and precipitated with the 

inorganic ligands, since both Mn0
2 

(s) and Fe (OH )
3 

(s) are present in 

small quantities in the model calculations. Thus, in order to make 

some conclusions about adsorbability of metals on Si0
2 

(s ), Fe (OH)
3 

(s ), 

and Mn0
2 

(s ), it is necessary to compare these surfaces on the basis of 

moles of metals adsorbed per unit surface area. Table 8. 4, which was 

derived from Tables 8. 2 and 8. 3, shows that both Fe(OH)
3

(s) and 

Mn0
2 

(s) adsorbed significant amounts of trace metals as compared to 

Si0
2 

(s ). For some metals, Mn0
2
(s) is a more powerful adsorbent than 

Si0
2 

(s) (e. g., Co, Ni, Zn, Cd, Mn); similarly Hg adsorbs more 

strongly on Fe (OH )
3 

(s) than on Si0
2 

(s ). Percentage -wise, the fraction 

of the total metal adsorbed by Fe (OH)
3 

(s) and Mn0
2 

(s) is not great 

since, under the conditions assumed f or these calculations, both of 

these surfaces are present in small quantities compared to Si0
2 

(s) 

(see the column under "%MeT adsorbed" in Table 8. 4 ). (In some 



:::::;!< Table 8. 3 
Equilibrium Speciation of Metals in an Oxidizing Fresh Water in the Presence 

of 1. 55m2 It Si02 (s), 0. 3m2 /t, Fe (OH) 3 (s ), and 0. 08 m2 It Mn02 (s) 
co

3 
SO 

4 
Cl F Br NH

3 
PO 

4 
Si02 (s) FeP~(s) Mn0

2
(s} OH 

Total 
~ 3.0 3.90 3.65 5.50 6.62 5.50 5. 0 3.80 
Free 
cone.-? 7. 2 7 3.92 3.65 .v 

5.50 6.62 7.52 10.97 4.01 

Ca+ 3. 4 3.41 6.41 5.41 - 8.01 - 11.04 7.41 6. 05 

Mg 3. 77 3. 78 6.77 5.67 - 7.67 - 11.20 7.27 6.85 

K 4.23 4.23 - 7.24 - - . - - - 6.90 

Na 3.56 3.56 9.82 6.97 - - - - - 6.24 

Fe(III)# 5.0 17. 77 - 18. 14 20.30 17. 92 23.76 - 15.84 8. 91 

Fe(II) - 17. 00 - 18. 99 19.94 - - 23.22 13. 99 -

Mn~' 5.5 9.91 12.42 11. 90 12.65 - 15.82 16. 73 12.90 11.84 

Cu 6.0 6.93 7.84 8.92 8.56 11.32 12.64 10. 36 9.51 6. 18 

Cd:l: 6.0 6. 16 8.18 8. 15 7. 79 10. 75 10. 87 11. 18 13. 78 9.00 

Zn 7.0 7.01 9.09 9.01 9.44 11. 41 12.92 12.34 1 o. 41 9.58 

~i 6.5 6.52 8.40 8.52 9.86 11. 12 12.73 11. 35 10.22 8.39 

~g 9. 0 17.07 13.40 18.96 9. 31 21. 16 12.48 14.60 - 10.07 

Pb . 7. 0 7.29 7.50 8.88 9.41 - 12.20 - - 8. 14 

Co 7. 5 7.52 9.50 9.32 9.96 - 13.73 13. 05 11. 12 9.88 

IH - 7.00 4.16 8.88 - 9.57 - 5.50 5.28 -

'~pMn02 (s}=5. 5 # pFe(OH)
3

(s)=5. 0 t pCa
5

(P0
4

)
3

0H(s}=5. 8 :f pCdC0
3

(s}=6. 56 

**Concentrations are expressed as negative logarithams. 

4.52 5. 1 -

4.67 8.56 6.93 

9. 09 6. 70 8. 72 

9.59 6.92 8. 09 

7. 28 11. 70 -

6.59 10.90 -

13. 13 13.94 10.28 

- - 18. 71 

15.55 11. 73 13. 12 

8.00 8.94 6. 73 

11. 71 8. 49 9. 27 

11. 25 9.24 9.48 

11. 29 9. 15 8.33 

10. 72 15.83 9.40 

11. 05 9.59 8.10 

12.60 9.31 9.83 

- - -

...... 
-J 
N 



Table 8. 4 

Compilation from Tables 8. 2 and 8. 3 

Adsorption in the presence of three surfaces 

Si0
2 

Fe(OH)
3 

Mn0
2 

Lsurfaces 

Me 
moles/m 

2 
o/oMeT moles/m 

2 
o/oMeT moles/m 

2 
o/oMeT moles/m 

2 
o/oMeT 

Fe(III) 7x1 0- 10 
0.01 2. 4 7x1 0 

-13 
<<0.001 l. 4x1 0 

-13 
<<0. 001 3.63x10-

10 
0.01 

Mn 9.32x10-
13 

<<0. 001 9. 4x1 0 
-16 

<<0. 001 2.32x10 
-8 

<<0.001 l. 25x10-ll <<0.001 

Cu 4.26x10 
-7 

66.1 3.33x10 
-8 

1.0 l. 43x10 
-8 

0. 11 l. 58x10 
-7 

67.21 

Cd 6x10- 10 
o. 1 6.5x10-

12 
<<0 . 001 4x10- 8 

0.32 2.1x10 
-8 

0.42 

Zn 1x10- 10 
0. 26 1. 87x10-

11 
<<0. 001 7.1x10 

-9 
0.58 3. 74x10 

-9 
0.84 

Ni 2.6x10-'1 1.3 l. 71x10- 11 
<<0. 001 8.8x10- 9 0.22 5. 9x1 0-IJ l. 52 

Hg 
-11 

8.51 6.35x10-ll 1.9 l. 48x1 0 -lt <<0.001 6.1x10-ll 9.41 5.49x10 

Pb 4.6x1o-: 9 
7.24 2. 97x10-ll <<0.001 3.2x10 

-9 
0.26 4.05x10 

-9 
7. 5 

Co 8. 5x10-ll 0.42 8.37x10-
13 

<<0.001 4x10- 10 
l. 55 2.51x10- 10 

l. 97 
--

------------------------ ·-- -

Adsorption in the 
presence of only 

Si02 

moles/m 
2 

o/oMeT 

7x10- 10 o. 01 

9.32x10- 13 
<<0. 001 

4.36x10 
-7 

67.6 

6x10- 7 
0. 1 

1x10- 10 
o. 26 

2.6x10 
-9 

1.3 

5. 6x1 0 -ll 8. 7 

4.6x10 
-9 

7.2 

8. 7x10-
11 

0.4 

..... 
-J 
w 
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natural waters however, Fe(OH )
3 

(s) and Mn0
2 

(s) are present at levels 

comparable to and higher than that of Si0
2 

(s ). In such cases, it is 

clear that their presence cannot be neglected). Consequently, for the 

present calculations the amounts of trace metals adsorbed by all three 

surfaces can be approximated by the presence of Si0
2 

(s) only (see the 

first and third column from the right, Table 8. 4 ). Therefore, further 

computations will be performed with Si0
2 

(s) as the only adsorbing 

surface. 

At the present time, the REDEQL2 program cannot handle the 

adsorption of metals on surfaces with constant surface charge such as 

clays. Therefore, the adsorption of metals on clays is not considered 

in these models of fresh waters. Nevertheless, examining the behavior 

of different systems under conditions of increasing adsorbing surface 

area will, in a way, compensate for the absence of clays and other 

adsorbing surfaces. 

8. 2. 4 Adsorption of Metals as a Function of Surface Area 

The distribution of trace metals between suspended particles 

and solution depends upon the availability of surface area. Figure 8. 9 

shows that an increase in surface area results in increased adsor:IX:ion 

of all the metals. The most easily adsorbed metal is Cu(II), followed 

by Pb(II) and Hg(II). At the very low surface areas of pS=4. 1, ap­

proximately 50% of the total Cu(II) is adsorbed. In order to have the 
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same amount of PbT adsorbed, it is necessary to have 20 times as 

much surface area present (i.e., pS=2. 75). Fifty percent of the total 

Ni(II) Co(II), Zn(II), and Cd(II) are sorbed at the even higher surface 

areas of pS=2. 0, pS=l. 5, pS=l. 4, and pS=l. l, respectively. With the 

very high surface areas of l 000 m
2 

/1, l O% of the precipitated iron 

hydroxide dissolves and the released Fe(III) is adsorbed by Si0
2 

(s). 

8. 3 Organic Models 

8. 3. l General Considerations 

Organic matter in natural waters is a very influential factor, 

affecting the speciation and distribution of trace metals and thus also 

the underlying sediments and suspended particles. The importance 

of organic compounds in natural waters will be demonstrated by choosing 

a few representative organic ligands and examining the composition 

of the system when these organics are present at a variety of concen-

trations . . The organic matter in the model calculations is represented 

either as a strong complexing agent (e. g., EDTA), or as an agent of 

weaker complexing capability (e. g., citrate), or as amino acids 

(histidine (HIS), aspartic acid (ASP), and cysteine (CYST)*). The 

~' Under oxic conditions, as a free ligand,cysteine is not stable with 
respect to oxidation to cystine. For the purposes of these compu­
tations however, cysteine has been assumed to be present as a 
metastable constituent. 
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range of concentration of each kind of organic used in these cal-

-9 -5 
culations is 10 to 10 moles/1. 

8. 3. 2 EDTA 

The presence of a very strong complexing agent, such as EDTA, 

will markedly alter the speciation of most of the trace metals at low 

concentrations of this ligand (Figure 8. 10 ). For example, the 

speciation of Cu(II) is affected when EDTAT>O. 01 CuT. The presence 

of EDTA causes a decrease in the percentage of free copper ion, Cu-

ADS, Cu-C0
3

, a nd Cu-OH species. When EDTAT=3CuT, Cu(II) is 

completely complexed by EDTA. Below EDTAT=PbT, Pb(II) is pre-

2+ 
sent mainly as Pb , Pb-C0

3
, Pb-OH, and Pb-ADS. Above EDT AT= 

5PbT, the Pb -EDTA complexes are the predominant Pb(II) species. 

Complete complexation of Pb(II) by EDTA takes place when EDTAT= 

30PbT. The presence of EDTA will begin to alter the speciation of 

other metals at the following concentrations of this ligand: EDTAT> 

20CoT. Hg(II) is only partially complexed by EDTA at very high EDTA 

concentrations (EDTAT>1000 HgT). Mn remains precipitated as 

Mn0
2 

(s ). 

8. 3. 3 Citrate 

According to this model citrate mostly affects the speciation of 

Cu(II), and the effect becomes most evident at CITT>O. 01 CuT 
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(Figure 8. 11 ). Under these conditions there is a competition between 

adsorption and complexation. At CITrO. 4CuT, Cu-ADS is 75% of that 

when CITT=O. When CITT=3CuT, adsorption is completely suppressed 

and all the Cu(II) remains in solution as citrate complexes. Appreci-

able complexation of Pb(II) by citrate appears at higher concentrations 

of citrate, i.e. , CIT T>l OPbT. This complexation results in a decrease 

in the concentration of Pb-C0
3 

and Pb -OH species. At CIT T =1 OOPbT 

only 30% PbT is in the form of Pb-CIT complexes. The speciation of 

Fe(III), Ni(II), and Cd(II) is affected by the presence of citrate at 

pectively. Co-CIT species are unimportant; the stability constants 

for Hg-CIT complexes have not been determined. 

8. 3. 4 Histidine 

The presence of histidine affects Cu(II) at concentrations of 

HIST>O. OlCuT (Figure 8. 12). At HISr3CuT, adsorption of Cu(II) on 

Si0
2 

is reduced by approximately 30%. The speciation of Pb(II) is 

affected by histidine only at concentrations of HIST>lOPbT, the major 

2+ 
effect being a decrease in the concentrations of Pb and Pb-C0

3 

species. The amount of Pb (II) adsorbed on Si0
2 

(s) essentially remains 

the same. The effect of histidine on the speciation of Ni(II), Cd(II), 

Co(II), and Zn(II) becomes e vident at concentrations of HIST>O. lNiT, 
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ation is unaffected. 

8. 3. 5 Aspartic Acid 

The presence of asparate (Figure 8. 13) alters the speciation 

respectively), the main effect being reduction in the extent of the ad-

sorption of Cu(II) on Si0
2 

(s ), and a decrease in the free Ni(II) ion con-

centrations. The effect of aspartate on Zn(II) and Co(II) speciation is 

very small; at very high concentrations of this ligand (i.e., ASP T = 

100ZnT=300CoT) only 2-3% of Zn(II) and Co(II) is complexed. For other 

metals, either the Me-ASP complexes are insignificant relative to the 

concentrations of other species, as in the case for Fe, Mn, and Cd, 

or the stability constants for Me-ASP complexes have not been de-

termined (Pb, Hg). 

8. 3. 6 Cysteine 

Cysteine has an extremely large affinity for Hg(II); if mercury(II) 

is present in the total concentration of 10- 9 moles/1, cysteine present at 

a concentration of CYST T=3HgT complexes all the mercury(II) (Fig. 8. 14 ). 

Complexation with Pb(II) affects the speciation of Pb(II) at CYST T> 

0. 03PbT by reducing the concentration of the four species Pb
2

+, 

Pb-C0
3

, Pb-OH, and Pb-ADS. At CYST T>30PbT all the lead(II) will 
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be in the form of Pb-CYST complexes. Constants for the complexation 

of Cu(II) with cysteine are not available and, hence, the computed 

speciation of Cu(II) in the presence of cysteine remains unchanged. 

Complexation of cysteine with Fe(III), Zn(II), Co(II), and Ni(II) is 

important at the following concentrations of cysteine: CYSTT>O. lFeT, 

CYSTT>ZnT, CYSTT>lOCoT, and CYSTT>NiT, respectively. 

8. 3. 7 Distribution of Metals in the Presence of Organic Ligands 

as a Function of Surface Area 

The next step in the modeling of the natural waters is to examine 

the speciation of trace metals as a function of surface area in the 

presence of fixed amounts of organic ligands. All of the previously 

mentioned organic ligands will be considered to be present at equi-

molar concentrations, e. g., pEDTAT=p CITT=pHIST=pASPT=pCYSTT 

=6. 0. The computations show that Hg(II) and Ni(II) are complexed by 

CYST and EDTA, respectively (Figure 8. 15). For the other trace 

metals there are two distinct zones: the region of low surface area 

extending to the left of the pS-3-line, and the region of higher surface 

area to the right of pS=3. At low surface areas concentration changes 

in the surface area do not cause any large changes in the speciation of 

trace metals. Cu(II) is present mainly in the form of histidine, EDTA, 

and citrate complexes. The predominant species of Pb(II) in this 

region is Pb-EDTA, followed by Pb-CYST. Cd(II) and Co(II) are 



186 

100 H 

NiEDTA 

90 

80 

70 Cd 2 + 

Zn EDTA 
60 

~ 
PbEDTA 

cu 
~ 
~ 0 

50 

40 

30 

20 

10 

5.0 

Co2 + 

CuHIS 

Zn CuCITJ 

CdEDTA-' 

4.0 3.0 

pS 

2.0 1.0 

Fi g ure 8 . 1 5 Speciation of trace metals in natural fresh 

waters i n the presence of organic ligands (pCIT=pEDTl\ = 

pC Y ST =pEIS=pASP=6. 0) as a function of surface area of 

S i0
2

(s ) in ha/ .t. 



187 

present predominantly in the form of the free aquo metal ions and Me-

EDTA complexes. Zn(II) occurs as EDTA and cysteine complexes, 

and as a free metal ion. Above pS=3 -line there is a marked increase 

in the adsorption of Cu(II), with similar increases in the adsorption of 

Cd(II), Pb(II), Co(II), Zn(II), and Fe(III), occurring at higher surface 

areas. 

8.3.8 Adsorption of Metals at Constant pH as a Function of Surface 

Area and Citrate Concentrations 

In the preceding analyses of different models, it was shown that 

the distribution of metal ions is affected markedly by both surface area 

and organic ligand concentrations. In order to examine the changes 

that occur in the distribution of trace metals when changing both the 

surface area and the organic ligand concentration, some additional 

calculations were made: the equilibrium distributions of metals in the 

presence of different surface area concentrations were computed as 

a function of concentration of citrate. The results for each metal are 

graphed separately. Moving from upper left to lower right on any of the 

forthcoming figures represents the simultaneous increase of both sur-

face area and citrate concentration. 

Cu(II) speciation is a strong function of citrate concentration 

(Figure 8. 16 ). 
-2 2 

At a pS=4 (S=lO m /1) and CITT=lOCuT, there is no 

Cu(II) adsorption. Increasing the surface area (with constant CIT T) 
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past this point causes the onset of adsorption. With surface area con-

2 . 2 . 
centrations of 100m /1 and 1000 m /1, 10% and 40o/o CuT, respectively, 

are adsorbed. 

In the case of Pb(II) (Figure 8. 1 7), when pSis in the range 4-1 

the presence of citrate at concentrations of CIT T =1 OOPbT results in 

a decrease in the adsorption of Pb(II) on Si0
2 

(s ). This decrease never 

exceeds 10%. 

At CIT T =30NiT, the adsorption of Ni(II) on Si0
2 

{s) is lowered 

by ca. 2% at pS=4, and by ca. 13% at pS=l. 0 (Figure 8. 18). For 

Cd(II) (Figure 8. 19) and Fe(III) (Figure 8. 20) both adsorption and com-

plexation influence the precipitation of CdC0
3

(s) and Fe(OH)
3

(s), res-

pectively. Citrate present at the level of CITT=10CdT reduces the 

precipitat ion of CdC0
3 

(s) by up to 13% in the range of surface area 

concentration pS=5. 0 to pS=l. 5. The presence of high surface area 

2 
concentrations (8>30 m /1) results in a complete dissolution of the 

CdC0
3 

(s ), with the released Cd(II) then being adsorbed. If citrate is 

also present (CIT T =1 OCdT) at S>l 00 m 
2

/1, the extent of adsorption and 

2+ 
the concentration of the free metal ion Cd are both slightly reduced. 

When citrate is present at concentration equal to that of FeT, there 

is no effect on the adsorption of Fe (III) if the available surface area is 

high. At low surface area the presence of the same amount of citrate 

reduces the extent of precipitation of Fe(OH)
3

(s) by 3. 5%. 
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8. 4 Conclusions 

The modeling of the equilibrium distribution of trace metals 

is affected not only by the choice of metals, inorganic and organic 

ligands, and surfaces, but also by the availability and choice of their 

respective stability constants. The concentrations, identities of 

organic constituents, and the stability constants for many metal-ligand 

and metal- surface interactions are poorly known. It is possible, how­

ever, to augment our present knowledge with educated chemical esti­

mates and thereby gain some insight into the complicated, interdepen­

dent chemical equilibria of many metals in natural aquatic systems. 

Specific conclusions from the equilibrium computations are summarized 

below. 

The extent of adsorption of dissolved Cu(II) species on colloidal 

Si0
2 

(s) depends strongly upon availability of organic ligands and sur­

faces. When complexing agents are absent (or present in extremely 

low concentrations) Cu(II) is expected to be substantially removed 

from solution by adsorption. The main aqueous species would be 

either Cu -OH or Cu-C0
3

, depending on the specific environmental con­

ditions. Higher concentrations of complexing agents would result in 

the partial or total release of the adsorbed copper, depending on the 

surface/ organic ligand ratio. The main aqueous species would be 

complexes with organic ligands. 
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The distribution of Pb(II} between aqueous and adsorbed species 

will depend mainly on the availability of surface area. When little 

or no organic ligand is present, the predominant aqueous species ar~ 

2+ 
expected to be Ph , Pb-C0

3
, and Pb-OH. Appreciable changes in 

such a distribution will occur only if the organic ligand has a high 

affinity for Ph (II}. 

Ni(II}, Zn(II}, and Co(II} are expected to be present in solution 

2+ 2+ 2+ 
as Ni , Zn and Co , respectively. An increase in surface area 

and organic ligand concentrations will result in some adsorption and 

complexation. 

Computations show that most of the Cd(II} present will be the 

2+ 
free metal ion Cd . At the proper alkalinity and pH, Cd(II} will 

partially precipitate as CdC0
3 

(s }. In the presence of large amounts 

of complexing agents, or large surface areas, the percentage of 

precipitated CdC0
3 

(s} is expected to decrease. 

In an oxidizing environment Fe and Mn are oxidized to Fe(III} 

and Mn(IV} and precipitated as Fe(OH}
3 

(s} and Mn0
2 

(s}, respectively. 

The presence of adsorbing surfaces or complexing agents will only 

slightly decrease the degree of precipitation of Fe(OH}
3 

(s}. Under 

normal conditions, the abundance of surfaces and complexing agents 

will never be large enough to prevent substantial or even complete 

precipitation of Fe (OH)
3 

(s ). According to these computations, 
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manganese will a lways remain as Mn0
2 

(s ). On the basis of moles 

of trace metals adsorbed per unit surface area, both precipitates 

adsorb significant amounts of trace metals. 
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Appendix 1 

TABLE OF NOTATIONS 

= Dielectric constant of the oriented water molecules 

= 

= Dielectric displacement 

= Elementary charge 

= Faraday ' s constant 

= Standard free energy 

= Change in the standard free energy 

= Change in the standard chemical free energy 

= Change in the standard coulombic free energy 

= Change in the standard secondary solvation free energy 

= Ionic strength 

= Charge of a ligand 

= Constant 

= Stability constants for aqueous complexes 

= Stability constant for surface complexes 

= Acidity constant of the surface silanol groups in the 

presence of an electric field 

= Stability constant for the adsorption 

= Solubility products 
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= Stoichiometric coefficient of ligand 

= Ligand 

= Stoichiometric coefficient of metal ion 

= Metal ion 

= Stoichiometric coefficient of silanol groups and OH 

groups 

= Avogadro's number 

= Unoccupied surface in moles/1 

= pH of the point of zero charge 

= Radius of ion 

= Radius of water 

= Gas constant 

= Total number of silanol sites in moles/1 

(-SO-), (-SOH) = Surface hydroxyl groups 

(:= SiO ), (=SiOH) = Surface silanol groups 

T = Absolute temperature 

u = Unoccupied surface in moles /1 

v = Volume 

X = Distance of the cloasest approach 

X = Mole fraction 

x = Electric field vector 

z, z. = Charge of the metal ion, and charge of the adsorbing 
1 

species 
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Greek Notation 

a 
0 

y 

= 

= 

= 

= 

Degree of formation of protonated silanol groups 

Stability constants for aqueous complexes 

Stability constant for surface complexes 

2 
Area in em covered by each mole of adsorbed metal 

species 

r rmax = Maximum coverage assuming a monolayer of adsorbed 
max' Me 

species 

= Ad t . d 't f M · · 1 I 2 
sorp 10n ens1 y o e- spec1es 1n mo es em 

= Dielectric constant 

= Dielectric constant of water in bulk solution 

= Dielectric constant of interfacial water 

= Dielectric constant of vacuum 

f: solid = Dielectric constant of solid 

= Polar coordinate 

= Fraction of the unprotonated silanol sites 

e = Fraction of the protonated silanol sites for the case of 

one metal reacting with two surface silanol groups 

(i.e., 1:2 stoichiometry) 

K = Double -layer parameter 

= Fraction of the silanol sites bound to the metal 



(~) 
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= Polar coordinate 

= Polar coordinate 

= Potential of the surface 

= Change in the potential across the distance x away 

from the surface 

= Electric field strength at distance x 

= Fraction of the protonated silanol groups for the case 

of one metal ion reacting with two silanol groups 

Other Notations 

- 0 

[ l 

[ } 

= Extrapolated to I = 0 

= Concentration in moles/1 

= Chemical activity in moles /1 
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