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ABSTRACT 

Differential Pulse Polarography is used to study complex 

formation between Pb(II) and hydroxide. Measurements have 

been made at four different temperatures (16.5°C, 20.5°C, 

25.7°C, 28.8 °C) and three different ionic strength (I= 

0.05M, 0.1M, 0.3M), using total ion concentration= 0.02mM. 

The following values for 25.7°C and 0.05M were obtained: 

logKPbOH+ = 6. 81 _=!=_ 0. 08, logKPb(OH)2 = 11.61 _=!=_ 0. 07. 

Temperature dependence is expressed by the following 

relations: logKPboH+ = -6225.2 (1/T) + 27.64, 

logKPb(OH)2 = -7422 (1/T) + 36.39 (I=0.05M). Free energy, 

enthalpy, and entropy for both complexes are calculated 

using the corrected values for the ionic strength effects 

and then extrapolated to zero ionic strength. Total lead 

concentration changed with pH during titrations, due to 

adsorption on vessel walls; the calculated values for 

hydrolysis constants are independent of lead concentration. 
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CHAPTER! 
INTRODUCTION 

1.1 Objective of the Study 

Heavy metals represent one class of contaminants that 

can produce undesirable environmental effects even in minute 

quantities. Unlike many other pollutants, they are not 

biodegradable and may persist for long time periods. Trace 

metals are defined as naturally occurring metals in 

concentration typically below 1 M/1. Their toxicity on 

organisms is determined by free metal ion activity rather 

than total metal concentration in solution (Sunda and 

Hanson, 1979) . Aquatic complexation is an important factor 

that decreases free metal concentrations, and thus their 

bio-availability . 

The purpose of this study is to determine the first and 

second hydrolysis constants for lead(II). Repeating the 

determination of these two hydrolysis constants was 

considered important for the following reasons: 

• the reported values for the first hydrolysis constant are 

controversial (they differ up to two pH units) 

• the effect of temperature has not been yet quantified 



• the ionic strength dependence has not been studied till 

now. 

These equilibrium constants are defined as follows: 

(PbOH+) 
K =------

1 (Pb2+) [ OH-} 

(Pb(OH )2 ) 

K =------
2 (Pb2+)[ OH- }2 

( 1) 

(2) 
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where K1 and K2 are the overall equilibrium constants and [] 

denotes species activity, as opposed to concentration (). 

The objectives of this study were: 

a) To determine the two overall hydrolysis constants K1 

and K2 at different temperatures, typically encountered in 

surface and subsurface waters. 

b) To determine the enthalpy of complex formation. 

c) To extrapolate the experimentally determined values 

of K1 and K2 to zero ionic strength. 

d) To calculate the free energy, enthalpy, and entropy 

of formation for each complex and to compare them with 

literature values. 



1.2 Lead in Environment 
Significance of Hydrolysis Constants 
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The major sources of lead pollution in the environment 

occur through smelting and refining of lead bearing ores and 

burning of petroleum fuels containing lead additives. A 

minor source derives from shotgun cartridges or fishing 

weights which are lost in environment and remain available 

to plants and animals (Lead-Environmental Aspects , 1989) . 

Lead tends to localize near the points of discharge 

(stationary or mobile), although important amounts are 

discharged into soil , water, and air. The fraction that is 

airborne is widely dispersed and influenced by rain. 

Despite its dilution and widespread dispersion, there is 

evidence of lead accumulation in places extremely remote 

from human activity. 

Lead has three major oxidation states that must be 

considered: IV, II, 0 . Pb02 (s) is the most important form of 

Pb(IV); it is very insoluble, so that species like Pb+4 or 

PbOH+3 need not be considered in the aqueous phase. Pb(II) 

occurs mainly as red- PbO (s) (litharge) , yellow- PbO (s) 

(massicot) , and Pb (OH) 2 (sl . The red form is stable at room 

temperature. Both yellow- PbO (s) and Pb (OH) 2 (sl are more 



soluble than the red form, and so they are not 

thermodynamically stable with respect to litharge at 25°C/1 

atm (Hem, 1976). PbO (sl can dissolve to form Pb+2 
, PbOH+ , 

Pb(OH) 2 , and Pb(OH)- 2 • For Pb(O) the only so lid is 

elementa l lead, Pb (sl . 

12 

The toxicological effects of trace metals depend on the 

nature of species present. In natural waters (pH = 7-9, 

total carbonate = 10-2
- 10-4 M) , the solubility of trace 

metals is in the range 10-5
- 10-7 M. 

The chemistry of dissolved trace metals in natural 

waters is dominated by complexation, biological uptake, and 

sorption on suspended solid particles. Chemical association 

of trace metals with organic and inorganic ligands is an 

important process in increasing the solubility of solids . 

Complexes in which the ligand is the hydroxyl group are very 

important in aquatic systems. The variation of pH in waters 

determines the formation of complexes or precipitates. 

Stability constants may be determined both by kinetic 

and equilibrium methods. In a few cases the rate of the 

forward and reverse reactions can be measured 

experimentally. The rate of formation of a complex is 

related to the electronic structure of the central group , 

and measurably slow reactions are restricted mainly to 

certain transition metal ions (Rossotti and Rossotti, 1961 ) . 
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Most systems of complexes reach equilibrium rapidly and can 

be studied by equilibrium methods. 

The overall and step stability constants give a measure 

of the change in free energy, enthalpy, and entropy in the 

standard state associated with their formation: 

( 3) 

The enthalpy change can be measured calorimetrically, 

but it may also be obtained by determining the stability 

constants at a series of temperatures. This can be achieved 

by considering the effect of temperature on chemical 

equilibrium, as it is expressed by the van't Hoff equation: 

dlnK 

dT ( 4) 

It follows that knowing the changes in standard free energy 

and the changes in standard enthalpy for a complex 

formation, the change in standard entropy can be quantified. 



CHAPTER2 
BACKGROUND 

2.1 Methods for Determining Equilibrium Constants 

The evaluation of the complexing properties of metals 

in solution has been investigated by a variety of methods. 
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Among the most important of these methods are potentiometry 

and spectrophotometry (Hartley et al., 1980). Other 

approaches include: non-potentiometric methods, 

electrochemical methods, calorimetric methods, and 

distribution methods. 

Potentiometry has been a popular method for determining 

stability constants. The major limitations are: the 

availability of a suitable reversible electrode and the 

accuracy/precision with which data can be interpreted. 

Ultraviolet and visible spectrophotometry are the most 

widely used spectroscopic methods. They should be regarded 

as a complementary technique to potentiometry rather than an 

alternative . Spectrophotometry is important in determining 

the number and nature of species in solution ; the 

calculation of equilibrium constants is possible only when a 

single complex is formed. Other spectroscopic methods 
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include: infrared, Raman, nuclear magnetic resonance, 

electron spin resonance, refractometry, spectropolarimetry, 

light scattering, and ultrasonic absorption. 

The most widely used electrochemical method is 

polarography. With this method the effect of the ligand on 

the reduction potential of a metal ion at the dropping 

mercury electrode (and sometimes other kinds of electrodes) 

is determined. Polarography is discussed in more detail 

below. 

Anodic stripping voltametry (ASV) may be used in 

systems with very low metal concentration (10- 8 M), where 

other methods cannot be used. Essentiall y , ASV is a two-

step technique. The deposition step involves the electro-

deposition of a small portion of the reduced metal ions at 

the mercury electrode, where an amalgam is formed. This 

serves to preconcentrate the analyte metal. The stripping 

step involves the reoxidation o f the deposited metal, which 

results in a current greater than in the conventional 

polarography. The half wave potential is shifted to more 

negative values as a consequence of complex formation, 

giving a direct relationship between this shift and ligand 

activity. 



Conductivity can potentially be used when a charged 

metal ion forms a complex with a charged ligand. 

Conductivity studies are rarely used to determine 

equilibrium constants mainly because only a single complex 

can be determined and the mobility of each species is 

dependent on the nature and quantity of other species. 

Dielectric equilibrium measurements have been used to 

determine equilibrium constants for both ionic and non

electrolyte systems, in very dilute solutions. 

16 

Calorimetric methods are used to determine the enthalpy 

of complex formation; they are applicable only when 

equilibria are established relatively rapidly. There are 

two classes of calorimetric techniques: 1) direct 

calorimetry, when the metal and the ligands are rapidly 

mixed and the resulting heat change is measured, and 2) 

thermometric titrations, where the ligand solution is added 

slowly and the temperature is recorded as addition proceeds. 

Distribution methods comprise a group of techniques 

that may be convenient when high accuracy is not required. 

Among these methods, the following can be mentioned: liquid

liquid partition (solvent extraction), solubility, ion

exchange, gas chromatography, liquid chromatography. 
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2.2 Previous Studies of Lead Hydrolysis 

The majority of previous studies of lead hydrolysis 

were based on potentiometric titrations, although some 

researchers have investigated lead hydrolysis by solubility 

or polarographic methods. 

In some potentiometric titrations lead nitrate was used 

as source o f Pb ( I I ) ( Pederson, 1 9 4 5 ; S y 1 v a and Brown, 1 9 9 3 ) . 

However, nitrate is not very suitable for this type of 

investigation since ~basic lead nitrates" have very low 

solubility and approximately 1% of total lead was hydrolyzed 

before precipitation started (Olin, 1960). For this reason, 

lead perchlorate solutions were preferred instead (Olin, 

1960; Kawai et al., 1980; Cruywagen et al., 1993). In all 

these studies, the value for log K1 ranged from 6.1 to 7.8 

Evidence for the existence of Pb(OH) 2 was found in few of 

these studies. Instead, polynuclear complexes and 

mononuclear complexes with more than two hydroxyl groups 

were proposed, based on the conditions employed. 

The study of sparingly soluble systems is one of the 

oldest methods available for the determination of 

equilibrium constants. Solubilities of lead salt in NaOH 

solutions of different concentrations was usually used with 
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this method. Topleman made a rather comprehensive study of 

lead oxides, but obtained few data for dilute hydroxide 

solutions. Garrett et al., 1939 obtained data in agreement 

with those of Topleman for red lead oxide. Tugarinov et 

al., 1975 investigated the solubility of red PbO(s) in water 

and aqueous solutions of NaOH over a large temperature 

range. 

Bilinski et al., 1976 studied complex formation of 

Cu(II), Pb(II), Zn(II), and Cd(II) with hydroxide or 

carbonate ions under conditions which approximate those in 

natural waters. Using anodic stripping voltametry and 

differential pulse polarography they estimated stability 

constants in the neutral and alkaline pH range. 

2.3 Polarography 

Voltametry is the branch of electroanalytical chemistry 

in which the effect of potential on current in an 

electrochemical cell is quantified. The current at an 

electrode is measured as a function of the applied 

potential. When the current-potential curve is obtained 



with the use of a dropping mercury electrode (DME), the 

technique is termed polarography. 

There are several advantages associated with 
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polarography. The most important of these is that each drop 

exposes a clean, reproducible surface of constant area. 

Consequently, the currents are reproducible from one drop to 

the next. Another important advantage is that the DME is 

much less sensitive to mechanical disturbances than 

stationary electrodes are. There are, however, some 

disadvantages associated with the DME, such as the oxidation 

of mercury at positive potentials (+0.3 V). 

The polarographic instrument scans the appropriate 

voltage range in which the oxidation/reduction occurs. When 

the voltage is applied as a linear ramp, the technique is 

called DC polarography. Applying this wave form in a three 

electrode electrochemical cell, the DC polarogram shown in 

Figure 2.1 is obtained. Curve I is the polarogram of a 

dilute solution of HCl and curve II is the same solution, 

but with the addition of 0.5 mM cadmium(II). Each 

oscillation represents the life cycle of one drop. 

Potentials less negative than -0.5 V do not produce 

reduction of any appreciable fraction of cadmium ions at the 

drop surface. At more negative potentials, the reduction of 

cadmium ions begins and at potentials more negative than -
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0.7 V the cadmium ions are reduced as rapidly as they reach 

the electrode surface. The current increases rapidly to its 

limiting or diffusion controlled value. The rate of 

diffusion of Cd2
+ from the bulk of the solution to the 

surface of the electrode depends on a number of factors. 

The most important is the activity of cadmium ions in the 

bulk of the solution. The higher the activity, the greater 

the rate of diffusion and the greater the diffusion current 

that results from the reduction of cadmium ions. This 

proportionality between the magnitude of the diffusion 

current and electroactive species activity is the basis for 

quantitative polarographic analysis. 

The current oscillations seen in Figure 2.1 are due to 

the changing area of the mercury drop during the drop life. 

The oscilations can be removed from the polarogram by using 

"sampled DC polarography", in which the current is measured 

only for the last milliseconds of the drop life. 

The technique of differential pulse polarography (DPP) 

has displaced DC polarography; it is designed to enhance the 

current due to the electroactive species, i.e., the Faradic 

current. In DPP the derivative of a normal polarogram is 

obtained (Figure 2 .2). With DPP, the peak current 

corresponds to half of the limiting diffusion current 
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(id/2), and the peak potential is analogous to the half wave 

potential (E l/z ). 

Of the different polarographic techniques, DPP is the 

most sensitive, allowing detection limits of approximately 

20 ppb. 



Potential ( E v SC£) 

f : OC l'olaroQrom of 1M HCI , 
.u: OC Poloro;rom of 5.0 X 10-4MCd (u) till 1M HCI 

Id : Oi ffuaion curnnt 
E l/l: Half -wave patutiol 

Figure 2.1 Current-Potential Curve (adapted from 
Meites 1965, Polarographic Techniques) 

OIF'F'ERENTIAL PULSE
POLAROGRAPHY 

Figure 2.2 Differential Pulse Polarography 
(adapted from Metrohm Ltd., CH-9100 Herisau) 
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2.3.1 Apparatus for Polarography 

The apparatus is shown in Figure 2.3. The 

polarographic analyzer is connected to the analytical cell; 

it controls the potential of the electrode and measures the 

current at the electrode. The analytical cell consists of 

an arrangement of three electrodes: working, reference, and 

auxiliary (counter) electrode. The reaction of interest 

takes place at the working electrode, which is DME. The 

silver/silver chloride reference electrode provides a stable 

potential, with which the potential of the working electrode 

is compared. No current passes through the reference 

electrode. The auxiliary electrode is a platinum wire. The 

current in the cell is passed between the auxiliary and the 

working electrode. 
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Figure 2.3 Apparatus for Polarography 

(adapted from Metrohm Ltd., CH-9100 Herisau} 
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2.4 Overall Principle 

In the polarographic cell , the external voltage applied 

to the dropping mercury electrode causes chemical species to 

be oxidized or reduced . As the potential becomes more 

negative the electrode becomes more strongly reducing , and 

conversely it becomes more strongly oxidizing when the 

potential is more positive . The current is due to electron 

transfer during an oxidation or reduction process . This 

Faradic current is proportional to the concentration of the 

active species in solution . 

It is assumed that the species subject to 

electrochemical change (i . e. , the so - called depolarizer) 

reaches the electrode by molecular diffusion only . In 

deriving the equation of a polarographic wave (current

potential curve) , the relationship between the concentration 

of the depolarizer at the electrode surface and potential 

must be taken into account . It is also assumed that the 

equilibrium between the oxidized and the reduced forms is 

established rapidly during the drop life (i.e . , the process 

is electrochemically reversible), so that the electrode 

potentia l is given by the Nernst equation: 
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(5) 

where E0 is the standard ox idation-reduction potential; E 

is the potential at DME, n is the number of electrons, and 

(Red) o and (Ox) o are the concentrations of the reduced and 

oxidized form of the depolarizer at the electrode surface. 

Although no electrode reaction is so fast that 

equi librium is attained ~instantaneously" at all potentials, 

a reaction is said to be reversible if, within the limits of 

experimental error, its behavior cannot be distinguished 

from that of an infinitel y fast reaction. 

2.4.1. Equation for a Cathodic Wave 

In the electroanalytical cell used in this work, only 

the background electrolyte (aqueous sodium perchlorate) and 

the lead salt (aqueous lead perchlorate) are present, 

together with H+ and OH- ions. The reduction of Pb 2+ to give 

lead amalgam may be described by the equation: 

Pb 2
+ + 2e- + Hg = Pb (Hg) ( 6) 
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According to Ilkovic equation, the mean current (i) 

supplied by the diffusion of Pb(II) to the electrode 

surface is given b y : 

-

i = L{ (Ox )0 - (Ox)} ( 7) in 

where (Ox) is the concentration of lead ion in the bulk 

solution, (Ox) 0 is the concentration of lead ion at the 

electrode surface, and L the Ilkovic constant~ L is 

defined as: 

L = 0.627nF D112 m213 t116 
( 8) 

This constant is function o f the number of electrons n , 

molecular diffusi on coefficient of the lead ion in solution 

D (cm2 /s) , the flow rate of mercury m (g/s) , and the time 

elapsed from the beginning o f the drop life t (s). The flow 

rate of mercury depends on: density and viscosity of 

mercury , diameter and length of capillary tube , and 

h ydrostatic pressure of mer cur y . At any potential on the 

plateau of he wave , the concentration of the metal ion on 

the electrode surface is virtually zero, because the ions 

are reduced as rapidly as they reach the electrode surface , 

while the current is equal (by definition) to the mean 

diffusion current i d. Hence: 
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id = L(Ox) ( 9) 

( 10) 

Meanwhile the concentration of the metal atoms in the 

amalgam at the drop surface is also proportional to the mean 

current : 

-

i = L'{(Red)0 -(Red)} ( 11) 

where (Red) 0 and (Red) are the concentrations of the 

metal atom at the electrode surface and in the bulk 

solution. Since it is assumed that no metallic lead is 

present in the bulk solution, (Red) = 0 and equation(11) 

becomes: 

-

i = L'(Red)0 (12) 

The Ilkovic constant from this equation ( L ) has the same 

form as in equation (8) , but involves the diffusion 

coefficient of metal atoms in the amalgam (D ' ) instead of 

metal ions in bulk solution (D) . Substituting the 

concentration of the reduced and oxidiz ed form at the 

electrode surface ((Ox) 0 from equation 10 and (Red) 0 from 

equation 12) in the Nernst equat i on , the equation for a 

cathodic wave -- first derived by He yrovsky and Ilkovic 

(1966) is obtained: 
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-

0 RT i L 
E = E --ln=-== 

nF id- i L' 
( 13) 

Since for many depolarizers the diffusion coefficients of 

the oxidized and the reduced forms are nearly equal (and, 

moreover they appear in the Ilkovic equation as square-

root), equation (13) becomes: 

0 RT i 
E = E --ln-=-=-

nF id- i 
( 14) 

Definite values of potential correspond to the currents 

between 0 and i d. The point on the polarographic curve 

corresponding to one-half of the limiting diffusion current 

represents the inflection point of the curve and it is 

termed the half-wave potential, E 1;2 . 

The expression for the half-wave potential can be 

derived from the equation of the reversible cathodic wave, 

by introducing i = i d/2. Thus: E 1; 2 = E
0

• This result 

shows that the half-wave potential is a constant which is 

independent of the activity of the depolarizer or o f the 

capillary characteristics. If the reduction product does 

not form an amalgam, the half-wave potential is virtually 

identical with the standard redox potential; if an amalgam 

is formed the half-wave potential corresponds to the 

standard potential of the amalgam. 



2.4.2 Reversible Reduction of Metal 
Complexes to Metals 

At the DME, only free (hydrated) metal ions are 
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reduced. When the lead ion in solution forms complexes with 

hydroxyl groups, the potential of the complex is more 

negative than that of the free ion, since energy is required 

to first liberate the lead ion from the complex (Heyrovsky, 

1966) . From the shift of the half-wave potential of the 

complex and from the activity of the complex forming agent, 

the stability constant of the complex can be determined. It 

is assumed that the electrode process is reversible and that 

the activity of the complex forming agent is high enough to 

be considered the same both in solution and at the 

electrode. It is also assumed that the diffusion 

coefficient for the complexed ion is approximately the same 

as that for the free ion, and that the concentration of the 

complex is much higher than the concentration of the free 

ion. 

It is considered that the reaction of Pb 2
+ with 

hydroxyl ion to form a single complex can be represented by: 

( 15) 

here () 0 stands for concentration at the electrode 
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surface, [] stands for activity, and K1 is the first 

hydrolysis constant. 

The electrode potential (for the free ion) is given by 

the Nernst equation: 

( 16) 

Substituting for [Pb 2 +] 0 , the electrode potential 

for the complex becomes: 

E . = £ _RT 1nKJ[OH-](Pb )0 
complex! 1 F ( +) 

n PbOH o 
( 17) 

where E complexl is similar to E (but it refers to the first 

complex formation) and E 1 is similar to E o ("standard 

potential" of the amalgam) . The species diffusing to the 

electrode are complex cations. Rewriting the equation (17) 

according to Heyrovsky-Ilkovic gives: 

RT f L* RT 
Ecomplexl = E1- -ln- -:-- -ln{ OH-} K1 ( 18) 

nF id -t L nF 

Substituting for L and L* (L* is the Ilkovic constant for 

the first complex) : 

RT i J%* RT Ecomplexl = EJ--ln~ -, --ln[OH-]KJ (19) 
nF id -z D nF 

For the reduction of the free ion, equation (13) is: 
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-rg; RT i D 
Efi = E1--ln=-= -

ree F . . D' n ld- z 
(20) 

Introducing i i d/2 and subtracting the last two 

equations leaves: 

RT [lJ RT 
~ E112 = E112!ree - E112complexl = - nF ln~[)* + nF ln[ OH-} K1 (21) 

where E1; 2 free is the half wave potential for the 

reduction of the free ion and E112 cornplex l is the half wave 

potential for the reduction of the first complex. 

Equation (21) shows that a plot of the half-wave 

potential as a function of the logarithm of activity of OH 

must be a straight line. 

The first term in the last equation can be neglected, 

provided Dis nearly equal to D*. The simplified equation 

becomes: 

for the first complex , and 

RT RT 
-In K2 + -In[ OH-}2 

nF nF 
(23) 

or: (24) 

for the second complex . 
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Thus K1 and K2 can be evaluated from the intercept of the 

straight line and the number of ligands from its slope. This 

relation assumes that for a given activity of the complexing 

agent, only one metal complex exists. 

If two or more lead complexes exist in equilibrium in 

solution, the plot of /1£112 vs. ln [OH-] will not yield a 

straight line. In consecutive complex formation, where "j" 

ligands may bind, the shift in the half-wave potential 

becomes (Heyrovsky, 1966) : 

(25) 

If the hydrolysis constants differ considerably, the 

experimental plot will consist of linear portions with 

breaks, indicating the number of complexes (Heyrovsky, 

1966) . From these linear segments the number of ligands and 

the magnitude of the hydrolysis constants can be determined. 

When the constants lie close to one another, the plot is a 

smooth curve, with no easily discernible breaks. Different 

methods can be applied to analyze the data. Three methods 

are discussed in the chapter "Data analysis". 



CHAPTER3 
EXPERIMENTAL 

3.1 Reagents and Materials 

All chemicals were of A.R. grade purity and were used 

without further purification. 
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All solutions were prepared by dissolving the required 

amounts of reagent in 18 Mn/cm Milli-Q water (first 

distilled and then deionized in a Millipore Milli-Q Reagent 

Water System). Stock solutions of 0.01 M lead perchlorate 

(Aldrich) were used as lead salts. For all potentiometric 

titrations sodium perchlorate (Fisher) was employed as 

background electrolyte. pH was varied with perchloric acid 

(Fisher) and saturated sodium hydroxide (Fisher) solutions. 

Laboratory containers (glass and teflon) were soap 

washed, then acid washed (1.5 M HC104 ), and finally rinsed 

with Milli-Q water and air dried. 
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3.2. Instrumentation 

A Metrohm Polarographic Analyzer E 506 and a Metrohm 

Polarecord 626 with a dropping mercury elctrode were 

employed in all potentiometric titrations. The experimental 

conditions were as follows: pulse amplitude=50 mV, pulse 

duration=60 ms, scan rate=5 or 2 mV/s, current sensitivity=1 

nA, mercury drop rate=0.5 drop/s, recorder-pen compensation 

current=1/80, damping=1, height of mercury reservoir=40 em. 

All titrations were conducted at constant temperature 

in a 150 ml water jacketed glass or Teflon vessel. The 

temperature was controlled to + 0.1 °C using a refrigerated 

circulator (Fisher Model 9100). 

Solutions were purged with nitrogen gas for at least 10 

minutes to remove oxygen and carbon dioxide before each 

measurement. 

The pH of all solutions was measured with a Fisher 

Accumet 950 pH Meter, equipped with an Orion standard glass

body combination electrode. Three point calibration method 

was used to calibrate the pH electrode with standard buffers 

of pH=7.00 (BioChemika), pH=10.00 (BioChemika), and pH=11.62 



for each temperature. The standard buffer of ph=11.62 was 

prepared in laboratory (Lingane, 1955). 

3.3. Procedure 
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All titrations were carried out at constant ionic 

strength (0.05 M, 0.1 M, and 0.3 M), using sodium 

perchlorate as background electrolyte. The pH of 25 ml 

background electrolyte was lowered to 2.6-2.8 and the 

solution was purged with nitrogen for ten minutes. The pH 

was then raised to about 11 with traces of saturated sodium 

hydroxide solution (all titrations were carried out from 

high pH to low pH, in order to avoid local precipitation o f 

lead hydroxide) . 50 ~1 stock solution of 0.01 M lead 

perchlorate was then added with an Eppendorf micropipett e . 

Finally, trace amounts of perchloric acid (0.1M to 0.01M) 

were added incrementally with a glass melting point tube. 

After each addition, the pH and the corresponding half wave 

potential were recorded. The potential scan ranged from -

0.35 V to -0.85 V. In separate experiments (pH= 2.6-
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2.8), the half wave potential for the free ion was measured 

before each titration. 



CHAPTER4 
DATA ANALYSIS 

As an example, Table 4.1 shows the results of one 

titration used to calculate the value of the hydrolysis 

constants under one set of experimental conditions. The 

results of all titrations are computed and discussed in 
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Chapter 5. pOH was calculated from pOH = log Kw +pH, where 

log Kw = 13.96 (Sillen et al., 1964 and 1971). 

Table 4.1 
Experimental data (T=20. 5 °C, 
I= 0.05M, Eav2 = -0.547 V) 

pH E ll2 pOH ~ E112 

11 .06 -0.715 -2 .9 0.168 
10.9 -0.702 -3.06 0.155 

10.82 -0.698 -3.14 0.151 
10.74 -0.69 -3 .22 0.143 
10.68 -0.688 -3 .28 0.141 
10.62 -0.683 -3.34 0.136 
10.59 -0.68 -3 .37 0.133 
10.57 -0.678 -3 .39 0.131 
10.53 -0.678 -3 .43 0.131 
10.5 -0 .67 -3.46 0.123 
10.41 -0.667 -3.55 0.12 
10.36 -0.662 -3.6 0.115 
10.27 -0.66 -3.69 0.113 
10.18 -0.655 -3.78 0.108 
10.12 -0.65 -3.84 0.103 
10.04 -0.645 -3 .92 0.098 
9.88 -0.638 -4.08 0.091 
9.82 -0.63 -4.14 0.083 
9.64 -0.623 -4.32 0.076 
9.55 -0.618 -4.41 0.071 
9.4 -0.61 -4.56 0.063 

9.31 -0.608 -4.65 0.061 
9.24 -0.608 -4.72 0.061 
9.06 -0.596 -4.9 0.049 
8.86 -0.588 -5 .1 0.041 
8.77 -0.582 -5 .19 0.035 



8.67 -0.58 -5.29 0.033 
8.41 -0.575 -5.55 0.028 
8.3 -0.572 -5 .66 0.025 

8.11 -0.57 -5.85 0.023 
7.86 -0.57 -6.1 0.023 
7.49 -0.558 -6.47 0.011 
7.39 -0.558 -6.57 0.011 
7.2 -0.558 -6 .76 0.011 

6.83 -0.555 -7.13 0.008 

The raw data are plotted in the next figure: 
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Figure 4.1 Change in E as function ofpOH 

(T=20 .5 °C, I=O.OSM) 

• .. 
' .,. • •• • • 

-1 -2 -3 -4 

-pOH 

•• .. 
• • .. 
-5 

•• • • 

-6 

39 

-· . 
-7 -8 

The experimental points lie on a concave curve instead of a 

straight line, which indicates that stepwise complex 

formation is occurring and that at least two lead complexes 

are observed. Three different methods are used to analyze 
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the data (they are all applied to the data set shown in 

Table 4 . 1) : 

(1) Nonlinear fit. 

(2) DeFod and Burne method. 

(3) Regression analysis fit using a second-order 

polynomial. 

(1) According to equation (25), a nonlinear fit 

resulted in the following values: log K1 = 6 . 668 and log K2 

= 11.224, coefficient of correlation= 0.99. The data are 

plotted in the next figure: 
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(T = 20.5 °C, I= 0.05M) 
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Despite the fact that a good correlation is obtained, the 

nonlinear fit does not follow consistently the data, and 

therefore, it was not used to analyze the all the 

experimental results. It is worth mentioning that 

considering more than two parameters (i.e. complexes) in the 

nonlinear fit, negative values are obtained. This may 

indicate that two complexes exist in solution under the 

conditions used. 

(2)The procedure developed by DeFord and Hume (1951) 

can be employed to analyze the data. This approach involves 

the plot of the experimentally measurable exponential term 

(Fo), vs. ligand activity. Fo is defined rewriting equation 

(25) : 

(2 6) 

This curve is a r th degree polynomial whose j th coefficient 

is the formation constant Kj . Introducing the functions Fj 

defined by the relationship: 

(27) 

plotting Fj vs. [OH-] and extrapolating to zero ligand 

activity, the intercept represents the stability constant. 
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Numerous studies indicate that the De Ford and Hume 

treatment of metal complex equilibrium is the preferred 

expression upon which data analysis should be based (see for 

example Klatt and Rouseff, 1970). The application of the 

method requires that the concentration of the complexing 

agent be large in comparison with the metal ion 

concentration. Also, this method is best suited to 

complexes of moderate and comparable stability (DeFord and 

Hume, 1951). It follows from the plot of these F-functions 

that a straight line parallel to the activity axis is 

obtained for the last complex, for the penultimate complex 

this function is a straight line with a definite slope, and 

for all preceding complexes this plot must show some 

curvature. 

Applying this method for the range of pH where ligand 

activity is greater than metal ion activity (which is pH > 

10 in this study), the following results are obtained: 

Fo = :tK
1
[0H-]f = Ko+K![OH-]+K2[0H-]2 (281 

j=O 

(29) 

F = F;.-K1 =K1 +K2 [0H-]-K1 _=K 
2 [OH-] [OH-] 2 ( 30) 
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The data are shown in the next table and plotted on the 

nex t figure: 

pH E112 
11.06 -0.715 
10.9 -0.702 

10.82 -0.698 
10.74 -0 .69 
10.68 -0.688 
10.62 -0.683 
10.59 -0.68 
10.57 -0.678 
10.53 -0.678 
10.5 -0.67 

10.41 -0.667 
10.36 -0.662 
10.27 -0.66 
10.18 -0.655 

Table 4.3 
Experimental Data and Calculated F functions 

with the DeFord and Hume Method 

pOH L1Eu2 OH Fo 
-2.9 0.168 0.001259 584955.6 

-3.06 0.155 0.000871 209342.5 
-3.14 0.151 0.000724 152596.6 
-3.22 0.143 0.000603 81081.18 
-3 .28 0.141 0.000525 69225. 14 
-3.34 0.136 0.000457 46625.48 
-3.37 0.133 0.000427 36782.31 
-3.39 0.131 0.000407 31403.84 
-3.43 0.131 0.000372 31403.84 
-3 .46 0.123 0.000347 16686.21 
-3.55 0.12 0.000282 13163.56 
-3.6 0.115 0.000251 8866 .106 

-3 .69 0.113 0.000204 7569.666 
-3.78 0.108 0.000166 5098.426 

F1 F2 
4.65E+08 3.61E+ 11 
2.4E+08 2.64E+11 

2.11E+08 2.77E+11 
1.35E+08 2.07E+11 
1.32E+08 2.3 2E+ 11 
1.02E+08 2.01E+ 11 
86223798 1.79E+11 
77084827 1.65E+ 11 
84521832 2.01E+ 11 
48120685 1.1E+ 11 
46702540 1.3E+ 11 
35292624 1.01E+ 11 
37069722 1.33E+ 11 
30715031 1.25E+ 11 
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The values obtained with this method are comparable with 

those from the nonlinear fit, but the method is very 

sensitive to the end points used in calculation . Therefore , 

it was not cons idered to give reliable results. However , 

the results indicate very clearly that tow complexes (PbOH+ 

and Pb(OH) 2 ) can fully characterize the system under the 

conditions u sed (Fo shows curvature, F1 is a straight line , 

F2 is parallel to the X axis) . 
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(3) Regression analysis using a second-order polynomial 

is the method used by Bilinski et al. (1976). It was found 

that higher degree polynomials also fit the data, but 

without a significant improvement in the model. It is 

assumed therefore, that the quadratic equation is the 

appropriate description of the model. Also, based on DeFord 

and Hume analysis, we conclude that only two complexes (i.e. 

PbOH+ and Pb(OH) 2 ) are involved. When each complex 

predominates over a pH range, the shift in the half wave 

potential is given by: 

RT RT 
fl E12 = -In K1 + -In[ OH-} for the first complex 

nF nF 

and: 

RT RT 2 
ll£12 = 2.3-logK2 + 2.3-log[OH-} for the second complex. 

2F 2F 

Differentiating with respect to pOH it follows that two 

tangents with theoretical slopes 2.3RT/(2F) and 2.3RT/F, and 

intercepts at 2.3RT/(2F)*logK1 and 2.3RT/(2F)*logK2 can be 

drawn to the experimental curve. The data are plotted in 

the following figure: 
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In this particular example, 2 . 3RT/(2F) = 0.029091 (T = 28.8 

+ 273.12 ° K), and the best fit for the data points was found 

to be given by: 

~E1;2= 0.0098 (pOH) 2 + 0.1355 (pOH + 0.4783, with 

coefficient of correlation R = 0 . 9991. 

The first derivative (with respect to pOH) is : 

2 * 0.0098 * pOH + 0.1355 = 0.029091, which gives 

pOH = -5 . 4 2 9 0 3 , ~ E 12 = 0 . 0 31516 v. 

It follows that: 



0.031516 = (0.029091 * -5.42902) + 0.029091 * log K1 

and log K1 = 6.512355 

Similarly, the second hydrolysis constant K2 is 

calculated as: 2 * 0.0098 * pOH + 0.1355 = 0.058182, pOH -

3.944796, 

~El /2 = 0.09628 , and log K2 = 11.19925 
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The results obtained with this method are considered 

the most reliable because the best fit of the data was 

obtained using a polynomial of order two, and also, this 

method is not very sensitive to the pH range used in 

calculation. Therefore, all the experimental data obtained 

under different conditions of pH, temperature, and ionic 

strength were treated in the same way. The results are 

summarized in Table 5.3 (Chapter 5). 



CHAPTERS 
RESULTS and DISCUSSION 

Values of the first and second hydrolysis constants 

using a polynomial fit of order two were obtained at four 

different temperatures (16.5° C, 20.5° C, 25 .7° C, 28 . 8°C) , 
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and three different ionic strengths (0 . 05 M, 0 .1 M, 0 . 3 M) . 

Constant temperature and constant i onic strength were 

maintained during each titration. Each data set consists of 

16 to 35 measurements. The number of replicate titrations 

for each temperature or ionic strength ranged from three to 

seven; at least three data sets were used in ca lculation and 

they are presented in Table A1-A20 (Appendix) . The 

coefficients of the regression lines, the coeff icients of 

correlation, and the resulting values for the first and 

second hydrolysis constants are summarized in Table 5 .1 and 

Table 5 . 2 . 



so 

TABLE 5.1 

Parameters of the regression line 

~E112 = a + b pOH + c p0H2 

R 2 = coefficient of determination 
T =temperature (°C); I= ionic strength (M) 
K1 =first hydrolysis constant; K2 =second hydrolysis constant 

T(°C)II(M) a b c R2 logK1 logK2 

16.5 I 0.05 0.0089 0.1251 0.4376 0.9974 6.15203 10.76177 

16.5 I 0.05 0.0112 0.1462 0.4816 0.9957 6.04274 10.64779 

16.5 I 0.05 0.0094 0.1294 0.4486 0.9965 6.23373 10.82699 

20.5 I 0.05 0.0107 0.1455 0.5031 0.9977 6.41045 11 .17041 

20.5 I 0.05 0.0098 0.1355 0.4783 0.9982 6.51235 11.19925 

20.5 I 0.05 0.0106 0.141 0.4824 0.9974 6.42918 11.02178 

25 .7 I 0.05 0.0081 0.1227 0.4701 0.9943 6.84361 11.67606 

25 .7 I 0.05 0.0083 0.1234 0.4677 0.9987 6.84714 11.60532 

25.7 I 0.05 0.0096 0.1373 0.4999 0.9978 6.683275 11.52107 

25 .7 I 0.05 0.0098 0.1385 0.5056 0.998 6.860025 11.66032 

28.8 I 0.05 0.0074 0.1155 0.4566 0.9978 6.69911 11 .76316 

28.8 I 0.05 0.0072 0.1131 0.4502 0.999 7.01754 11 .75546 

28.8 I 0.05 0.0078 0.1175 0.4579 0.9978 7.08771 11.74322 

28.8 I 0.05 0.0077 0.1188 0.4657 0.9964 6.99273 11.79312 

25.7 I O.l 0.0080 0.1144 0.4233 0.9964 6.70833 11.08244 

25 .710.1 0.0077 0.1114 0.4144 0.9979 6.66011 11.00983 

25 .7 I 0.1 0.0066 0.1034 0.4086 0.9963 6.83391 11.30252 

25.7 I 0.3 0.0078 0.1126 0.4156 0.997 6.58063 10.95151 



25 .7 I 0.3 

25.7 I 0.3 

T (°C) 

16.5 

20.5 

25 .7 

28.8 

25 .7 

25 .7 

0.0094 0.1283 0.4512 0.9965 6.48989 

0.0084 0.1192 0.4308 0.9952 6.48161 

TABLE 5.2 

Summary of experimentally determined hydrolysis 
constants (log K ± 1 standard deviation) 

number I (M) 1ogKI 1ogK2 
replicate 
titrations 

3 0.05 6.14 ± 0.09 10.75 ± 0.09 

3 0.05 6.45 ± 0.05 11.13±0.09 

4 0.05 6.81 ± 0.08 11.61 ± 0.07 

4 0.05 7.02 ± 0.04 11.76 ± 0.02 

3 0.1 6.73 ± 0.09 11.13±0.15 

3 0.3 6.52 ± 0.05 10.94 ± 0.01 

5 1 

10.95190 

10.93315 

The Van't Hoff plot is shown in Figure 5.1 . The least 

squares fit was us e d t o calculate the parameters o f the 

regression line. 



Figure 5.1 

Variation of Hydrolysis Constants with Temperature (I= 0.05 M) 
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From the slopes of these lines the standard enthalpy of 

formation can be calculated for each complex: 119.0 5 + 4.4 

KJ/mol for Pb(OH) + formation and 141.93 + 8 .9 KJ/mol for 

Pb(OH) 2 ) formation. 

Table 5.3 shows the values of the first and second 

hydrolysis constant compared with other studies (after 

Bilinski et al., 1975). 
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TABLE 5.3 

Comparison of experimentally determined hydrolysis 
constants of Pb(II) hydroxide 

K1 =(Pb(OH)2)/(Pb +2) [OH-] 
K2=(Pb(OH)2)/(Pb +2)[0H-f 
()concentration; [] activity 

Method Medium 

Polarography 3.0 M NaCl04 

Polarography 0.3 MNaCl04 

Polarography 3.0 M NaCl04 

Polarography 0.3 MNaCl04 

Polarography, 0.1 MKN03 
anodic 
stripping 
voltametry 

Polarography 0.05 M NaC104 

Polarography 0.1 MNaCl04 

Polarography 0.3 MNaCl04 

PbT (mM) 

1- 80 

1- 80 

>0.5 

>0.5 

0.01-0.001 

0.02 

0.02 

0.02 

log K1 log K2 pH Reference 

6.1 - 5-8 Olin, 1960 

6.2 - 5-8 Olin, 1960 

- 10.9 >12 Carell et al. , 1960 

- 10.34 >12 Carell et al. , 1960 

7.0 l1 .5 7-ll Bilinski et al. , 

1976 

6.81 11.61 7-ll This work 

6.73 ll.l3 7-ll This work 

6.52 10.95 7-ll This work 

The value of log K1 obtained through this work is in 

agreement with the one determined by Biliski et al (1975) . 

The results reported b y Olin (1960) are lower than the one 

in this work; the l ower results may be attributed to the 

formation of chloro lead complexes , which were not 
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considered (Bilinski et al, 1975). The value of log K2 is 

lower than the one reported by Bilinski et al (1975) for 

I=0.1M, and higher than the one reported by Carell et al 

(1960) for I=0.3M. 

Figure 5.2 and Figure 5.3 show the relationship of log 

K1 and log K2 with a function of ionic strength. The Davies 

equation was used to correct the values for ionic strength 

effects: 

FI 
log ri = 0.51( FI- 0.31) I where r i is the activity coefficient 

1+ I 

for species i and I is 

Defining K1'and K2' in 

I [PbOH+] I 

Kl 
[ Pb2+ ][ OH-] and K2 

ionic strength (0.05M, 0 . 1M, 0. 3M) . 

terms of activity : 

[Pb(OH) 2 ] 
is equivalent with: [Pb 2+][0H-] 2 

for the first complex ; 

I 1 
K2 = K2 -- for the second 

r Pb2+ 

complex (where [] stands for activity and () for 

concentration) . 
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Figure 5.2 
Variation of first hydrolysis constant with ionic strength 

(mean ~ 95% confidence interval) 

! f ! 
y = -1.5559x + 7.3471 

R
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Figure 5.3 
Variation of second hydrolysis constant with ionic strength 

(mean± 95o/o confidence intervals) 

y = -4.199lx + 12.546 

R
2 

= 0.8375 

0.15 0.17 0.19 0.21 0.23 0.25 0.27 

[sqrt(l) I (sqrt(l) + 1)]- 0.3 I 

The intercepts of the straight lines represent the values 

for zero ionic strength. These values were used to 

calculate standard free energy of formation, standard 

enthalpy , and standard entropy f or both complexes. The 

results are summarized on Table 5.4 . 
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TABLE 5.4 

First and second lead hydrolysis constants at 0 ionic strength 
and 25°C. Standard free energy, enthalpy, and entropy. 

logK G0 (KJ/mol) H0 (KJ/mol) S0 (J/mol) 

Pb(OHt 7.35 ± 0.14 -223 .6 ± 0.8 -112.6 ± 4 538 ± 12 

Pb(OH)2 12.55 ± 0.23 -410.5 ± 1.3 -319.7 ± 9 703.4 ± 34 

The values for standard free energy are in good agreement 

with those reported by Tugarinov e t al (1975). 

It should be mentioned that polarographically derived 

hydrolysis constants are sensitive to small changes in the 

position of the peak potential readings. For example, two 

identical titrations that y i e lded coefficients o f 
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correlat i on of 0 . 991 and 0 . 995 , respectively, result in log 

values that differed by up to 0 . 3 pH units. For this 

reason, only titrations which gave coefficients of 

correlation >= 0 . 995 were used. The polarographic 

techniques can be improved in future by constructing an 

electronic device that would : a) amplify the vo ltage 

resoluti on by a factor of ten and b) d ifferent iat e the curve 

to emphasize the position of the maximum. 



57 

An advantage of the polarographic technique is that it 

is insensitive to the amount of dissolved lead. It was 

found that during the course of a titration the height of 

the polarographic curve decreased up to 80 % between pH = ~ 8 -

~9 , presumably due to adsorption on the glass vessel. 

Repeating the experiment in a Teflon vessel, this effect was 

greatly diminished (only 5-10 % reduction in the 

polarographic peak height) . The value of K1 and K2 obtained 

using glass and Teflon vessels was identical. Previous 

studies also showed adsorption of lead onto glass (Petrie et 

al, 1976). E1 ; 2 is independent of species activity, whereas 

the height of the current-voltage curve is directly related 

to activity. This implies that adsorption only results in a 

decrease in species activity and that other effects, such 

as the occurrence of kinetic currents or irreversible 

electrode processes that could influence K1 and K2 are 

absent . 
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CONCLUSIONS 

Reliable values for hydrolysis constants are essential 

in the e lucidation o f chemical speciation of trace elements 

in natural waters. Due to the fact that very different 

values for the first hydrolysis constant for lead have been 

published so far, a comprehensive study of lead speciation 

in natural waters would include the effects of : pH, metal 

concentrat i on , temperature, ionic strength. 

The results of this investigation confirm the dominance 

of the hydroxo complexes Pb(OH) + and Pb(OH) 2 in the pH range 

of natural waters, with total metal concentration 0 . 02 mM. 

Due to low solubility of lead nitrate, lead perchlorate was 

selected as lead salt for the laboratory titrations. The 

inert electrolyte used was sodium perchlorate. 

The polarographic determination of first and second 

hydrolysis constants f or lead(II) is a very delicate 

experiment. All previous studies determined these constants 

for a single temperature . The reliability of the results 

from this study was tested by a good correlation of the 

values for four different temperatures. These relations are 

as follows: logKPboH+ = 6.81 + 0.08, logKPb(OH)2 = 11.61 + 0 . 07 
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The determination of thermodynamic properties (standard 

free energy, enthalpy and entropy) could not be compared 

with similar experiments. However, the value for the 

standard free energy of formation for the second complex is 

in agreement with the one determined by Tugarinov et al. 

(1975). The values for standard enthalpy and entropy did not 

agree with calorimetric determinations. 
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APPENDIX 

TITRATION DATA 



TABLE A-1 TABLE A-2 

T = 16.5 oC; I= 0.05 M; Eol/2 = -0.562 V T = 16.5 °C; I= 0.05 M; Eo112 = -0.548 V 

pH Ein(V) 

11.38 -0.732 
11.27 -0.728 
11 .15 -0.714 
11 .07 -0.71 
10.99 -0.708 
10.86 -0.698 
10.76 -0.692 
10.59 -0.684 
10.42 -0.67 
10.33 -0.668 
10.11 -0.655 
10.05 -0.646 

9.95 -0.64 
9.86 -0.634 
9.78 -0.632 
9.62 -0.626 
9.48 -0.62 
9.33 -0.608 
9.14 -0.6 
9.03 -0.595 
8.76 -0.585 
8.22 -0.575 
7.86 -0.568 
7.67 -0.568 
7.47 -0.562 
7.29 -0.562 
7.04 -0.56 

-pOH ~1!2(V) pH 

-2.58 0.17 11.18 
-2.69 0.166 10.98 
-2 .81 0.152 10.91 
-2 .89 0.148 10.83 
-2.97 0.146 10.66 

-3.1 0.136 10.46 
-3.2 0.13 10.32 

-3.37 0.122 10.26 
-3.54 0.108 10.18 
-3.63 0.106 10.09 
-3.85 0.093 9.92 
-3.91 0.084 9.8 
-4.01 0.078 9.56 

-4.1 0.072 9.49 
-4.18 0.07 9.31 
-4.34 0.064 9.17 
-4.48 0.058 8.96 
-4.63 0.046 8.77 
-4.82 0.038 8.66 
-4.93 0.033 8 

-5.2 0.023 7.84 
-5.74 0.013 7.75 

-6.1 0.006 7.56 
-6.29 0.006 7.31 
-6.49 0 7.21 
-6.67 0 6.98 
-6.92 -0.002 

E1;2 = half wave potential for the complex 

E01;2 = half wave potential for the free ion 

Total ion concentration = 0.02 mM 

E112(V) -pOH ~1!2(V) 

-0.708 -2 .78 0.16 
-0.696 -2.98 0.148 
-0.696 -3.05 0.148 
-0.682 -3.13 0.134 
-0.673 -3.3 0.125 
-0.657 -3.5 0.109 
-0.642 -3.64 0.094 
-0.637 -3.7 0.089 
-0.633 -3.78 0.085 
-0.628 -3.87 0.08 

-0.62 -4.04 0.072 
-0.612 -4.16 0.064 
-0.602 -4.4 0.054 

-0.6 -4.47 0.052 
-0.593 -4.65 0.045 

-0.59 -4.79 0.042 
-0.58 -5 0.032 

-0.575 -5.19 0.027 
-0.57 -5.3 0.022 
-0.56 -5.96 0.012 

-0.557 -6.12 0.009 
-0.557 -6.21 0.009 
-0.556 -6.4 0.008 
-0.555 -6.65 0.007 

-0.55 -6.75 0.002 
-0.55 -6.98 0.002 
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TABLE A-3 TABLE A-4 

T = 16.5 °C; I= 0.05 M; Eou2 = -0.55 V T = 20.5 oc ; I= 0.05 M; Eo112 = -0.55 V 

pH E112(V) 

10.8 -0.684 
10.74 -0.682 
10.57 -0.668 
10.51 -0.662 
10.43 -0.652 
10.21 -0.642 
9.99 -0.632 
9.88 -0.628 
9.75 -0.618 
9.65 -0.616 
9.49 -0.608 
9.39 -0.6 
9.27 -0.598 
9.17 -0.59 
9.06 -0.59 
8.82 -0.58 
8.59 -0.578 
8.39 -0.574 
8.14 -0.565 
7.93 -0.558 
7.54 -0.556 
7.26 -0.554 
7.04 -0.552 

-pOH ~E112(V) pH 

-3.16 0.136 11.15 
-3.22 0.134 11.02 
-3.39 0.12 10.92 
-3.45 0.114 10.83 
-3 .53 0.104 10.61 
-3.75 0.094 10.53 
-3.97 0.084 10.25 
-4.08 0.08 10.05 
-4.21 0.07 9.81 
-4.31 0.068 9.71 
-4.47 0.06 9.63 
-4.57 0.052 9.59 
-4.69 0.05 9.53 
-4.79 0.042 9.45 

-4.9 0.042 9.38 
-5 .14 0.032 9.21 
-5.37 0.03 9.08 
-5.57 0.026 8.94 
-5.82 0.017 8.82 
-6.03 0.01 8.43 
-6.42 0.008 7.9 

-6.7 0.006 7.79 
-6.92 0.004 7.66 

7.48 
7.35 
7.17 
7.08 

6.9 

E112 = half wave potential for the complex 
E0 1;2 = half wave potential for the free ion 

Total ion concentration = 0.02 mM 

E112(V) -pOH ~E112(V) 

-0.726 -2.81 0.176 
-0.716 -2.94 0.166 
-0.716 -3.04 0.166 
-0.702 -3.13 0.152 
-0.687 -3.35 0.137 

-0.68 -3.43 0.13 
-0.662 -3.71 0.112 
-0.648 -3.91 0.098 
-0.636 -4.15 0.086 
-0.628 -4.25 0.078 
-0.623 -4.33 0.073 
-0.618 -4.37 0.068 
-0.618 -4.43 0.068 
-0.612 -4.51 0.062 
-0.612 -4.58 0.062 
-0.608 -4.75 0.058 
-0.598 -4.88 0.048 

-0.59 -5 .02 0.04 
-0.588 -5.14 0.038 
-0.583 -5.53 0.033 
-0.565 -6.06 0.015 
-0.562 -6.17 0.012 
-0.562 -6.3 0.012 

-0.56 -6.48 0.01 
-0.56 -6.61 0.01 
-0.56 -6.79 0.01 
-0.56 -6.88 0.01 
-0.56 -7 .06 0.01 
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TABLE A-5 TABLEA-6 

T = 20.5 oc ; I= 0.05 M; E01 ;2 = -0.547 V T = 20.5 oc; I= 0.05 M; E01;2 = -0.542 V 

pH E112(V) -pOH Lllil!2(V) pH E112(V) -pOH ~Eli2(V) 

11.06 -0.715 -2.9 0.168 10.85 -0.688 -3.11 0.146 

10.9 -0.702 -3.06 0.155 10.72 -0.68 -3.24 0.138 

10.82 -0.698 -3.14 0.151 10.69 -0.677 -3.27 0.135 
10.74 -0.69 -3.22 0.143 10.59 -0.668 -3.37 0.126 

10.68 -0.688 -3.28 0.141 10.57 -0.667 -3.39 0.125 
10.62 -0.683 -3.34 0.136 10.53 -0.665 -3.43 0.123 
10.59 -0.68 -3.37 0.133 10.49 -0.66 -3.47 0.118 
10.57 -0.678 -3.39 0.131 10.44 -0.658 -3.52 0.116 
10.53 -0.678 -3.43 0.131 10.39 -0.658 -3.57 0.116 

10.5 -0.67 -3.46 0.123 10.28 -0.648 -3.68 0.106 
10.41 -0.667 -3 .55 0.12 10.21 -0.648 -3.75 0.106 
10.36 -0.662 -3.6 0.115 10.15 -0.643 -3.81 0.101 
10.27 -0.66 -3.69 0.113 10.08 -0.637 -3.88 0.095 
10.18 -0.655 -3.78 0.108 9.98 -0.633 -3.98 0.091 
10.12 -0.65 -3.84 0.103 9.87 -0.62 -4.09 0.078 
10.04 -0.645 -3.92 0.098 9.77 -0.616 -4.19 0.074 
9.88 -0.638 -4.08 0.091 9.68 -0.616 -4.28 0.074 
9.82 -0.63 -4.14 0.083 9.6 -0.608 -4.36 0.066 
9.64 -0.623 -4.32 0.076 9.5 -0.605 -4.46 0.063 
9.55 -0.618 -4.41 0.071 9.27 -0.598 -4.69 0.056 

9.4 -0.61 -4.56 0.063 8.95 -0.582 -5.01 0.04 
9.31 -0.608 -4.65 0.061 8.8 -0.578 -5.16 0.036 
9.24 -0.608 -4.72 0.061 8.63 -0.572 -5.33 0.03 
9.06 -0.596 -4.9 0.049 8.18 -0.567 -5.78 0.025 
8.86 -0.588 -5.1 0.041 7.95 -0.558 -6.01 0.016 
8.77 -0.582 -5.19 0.035 7.8 -0.558 -6.16 0.016 
8.67 -0.58 -5.29 0.033 7.45 -0.552 -6.51 0.01 
8.41 -0.575 -5.55 0.028 

8.3 -0.572 -5.66 0.025 
8.11 -0.57 -5.85 0.023 
7.86 -0.57 -6.1 0.023 
7.49 -0.558 -6.47 0.011 
7.3 9 -0.558 -6.57 0.011 

7.2 -0.558 -6.76 0.011 
6.83 -0.555 -7.13 0.008 

E1r2 = half wave potential for the complex 
£ 0112 = half wave potential for the free ion 

Total ion concentration = 0.02 mM 



TABLEA-7 TABLEA-8 

T = 25.7 °C; I= 0.05 M; Eo112 = -0.519 V T = 25 .7 °C; I= 0.05 M; Eo112 = -0.547 V 

pH E112(V) 

11.11 -0.702 
11.06 -0.7 
10.98 -0.697 
10.87 -0.687 

10.7 -0.678 
10.59 -0.668 
10.27 -0.658 

10 -0.628 
9.58 -0.608 
9.44 -0.59 
9.27 -0.59 

9 -0.58 
8.7 -0.57 

7.74 -0.55 
7.33 -0.53 
7.11 -0.528 
7.06 -0.528 

-pOH Llli1!2(V) pH 

-2.85 0.183 11.25 
-2.9 0.181 11 .19 

-2 .98 0.178 10.99 
-3.09 0.168 10.83 
-3 .26 0.159 10.69 
-3.37 0.149 10.56 
-3.69 0.139 10.37 
-3.96 0.109 10.2 
-4.38 0.089 10.05 
-4.52 0.071 9.88 
-4.69 0.071 9.75 
-4.96 0.061 9.63 
-5.26 0.051 9.52 
-6.22 0.031 9.34 
-6.63 0.011 9.02 
-6.85 0.009 8.75 

-6.9 0.009 8.54 
8.43 
8.21 
7.98 
7.71 
7.41 
7.21 
7.08 
6.74 

E112 = half wave potential for the complex 

Eo1t2 = halfwave potential for the free ion 
Total ion concentration = 0.02 mM 

E112(V) -pOH ~Eli2(V) 

-0.74 -2.71 0.193 
-0.736 -2.77 0.189 
-0.724 -2.97 0.177 
-0.712 -3.13 0.165 

-0.7 -3.27 0.153 
-0.69 -3.4 0.143 
-0.68 -3 .59 0.133 

-0.668 -3 .76 0.121 
-0.662 -3.91 0.115 

-0.65 -4.08 0.103 
-0.64 -4.21 0.093 

-0.634 -4.33 0.087 
-0.634 -4.44 0.087 
-0.625 -4.62 0.078 

-0.61 -4.94 0.063 
-0.6 -5.21 0.053 

-0.586 -5.42 0.039 
-0.586 -5.53 0.039 
-0.578 -5.75 0.031 
-0.578 -5.98 0.031 

-0.57 -6.25 0.023 
-0.566 -6.55 0.019 
-0.564 -6.75 0.017 

-0.56 -6.88 0.013 
-0.557 -7.22 0.01 
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TABLE A-9 TABLE A-10 

T = 25 .7 oc; I= 0.05 M; Eol /2 = -0.552 V T=25.7 °C, 1=0.05 M, Eou2 = -0.552 V 

pH Eu2CV) 

10.93 -0.72 
10.86 -0.718 

10.6 -0.715 
10.55 -0.698 

10.5 -0.698 
10.4 -0.69 

10.32 -0.688 
10.21 -0.682 
10.11 -0.67 
9.97 -0.66 
9.89 -0.658 

9.8 -0.654 
9.72 -0.65 
9.64 -0.638 
9.46 -0.634 
9.39 -0.624 
9.32 -0.622 
9.24 -0.618 
9.16 -0.618 
9.04 -0.618 
8.91 -0.608 
8.85 -0.605 
8.67 -0.6 
8.48 -0.593 
8.23 -0.59 
8.08 -0.588 
7.59 -0.573 
7.43 -0.572 

7.2 -0.57 
7.07 -0.566 

-pOH ~E112(V) pH 
11.19 

-3.03 0.168 10.96 
-3.1 0.166 10.75 

-3.36 0.163 10.6 
-3.41 0.146 10.5 
-3.46 0.146 10.4 
-3.56 0.138 10.22 
-3.64 0.136 10.03 
-3.75 0.13 9.96 
-3.85 0.118 9.89 
-3.99 0.108 9.66 
-4.07 0.106 9.6 
-4.16 0.102 9.56 
-4.24 0.098 9.31 
-4.32 0.086 9.22 

-4.5 0.082 9.08 
-4.57 0.072 9.02 
-4.64 0.07 8.83 
-4.72 0.066 8.46 

-4.8 0.066 8.38 
-4.92 0.066 8.12 
-5.05 0.056 8.04 
-5.11 0.053 7.96 
-5 .29 0.048 7.81 
-5.48 0.041 7.49 
-5.73 0.038 7.37 
-5 .88 0.036 7.22 
-6.37 0.021 7.14 
-6.53 0.02 6.91 
-6.76 0.018 
-6.89 0.014 

E112 = half wave potential for the complex 
Eo112 = half wave potential for the free ion 

Total ion concentration = 0.02 mM 

E112(V) -pOH ~1!2(V) 

-0.747 -2.77 0.195 
-0.722 -3 0.17 

-0.71 -3.21 0.158 
-0.696 -3.36 0.144 
-0.692 -3.46 0.14 
-0.686 -3.56 0.134 
-0.678 -3.74 0.126 
-0.662 -3.93 0.11 
-0.658 -4 0.106 
-0.656 -4.07 0.104 
-0.634 -4.3 0.082 

-0.63 -4.36 0.078 
-0.63 -4.4 0.078 
-0.62 -4.65 0.068 

-0.618 -4.74 0.066 
-0.61 -4.88 0.058 

-0.606 -4.94 0.054 
-0.6 -5.13 0.048 

-0.588 -5.5 0.036 
-0.586 -5.58 0.034 
-0.578 -5.84 0.026 
-0.575 -5.92 0.023 

-0.57 -6 0.018 
-0.567 -6.15 0.015 
-0.567 -6.47 0.015 
-0.563 -6.59 0.011 
-0.562 -6.74 0.01 
-0.562 -6.82 0.01 
-0.558 -7.05 0.006 
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TABLE A-ll TABLE A-12 

T = 28.8 °C; I= 0.05 M; Eou2 = -0.52 V T = 28.8 oc ; I= 0.05 M; Eol/2 = -0.52 V 

pH E112(V) 

11.16 -0.708 
11 .07 -0.702 
10.96 -0.696 
10.83 -0.69 
10.39 -0.66 

10.1 -0.638 
9.76 -0.624 
9.52 -0.608 
9.11 -0.588 
8.87 -0.58 
8.52 -0.568 
8.03 -0.556 
7.58 -0.542 
7.34 -0.534 
6.97 -0.53 
6.84 -0.53 

-pOH ~E112(V) pH 

-2.8 0.188 11.08 
-2.89 0.182 10.98 

-3 0.176 10.85 
-3.13 0.17 10.76 
-3.57 0.14 10.66 
-3.86 0.118 10.55 

-4.2 0.104 10.34 
-4.44 0.088 10 
-4.85 0.068 9.87 
-5.09 0.06 9.72 
-5.44 0.048 9.47 
-5.93 0.036 9.37 
-6 .38 0.022 9.29 
-6.62 0.014 9.1 
-6 .99 0.01 9.02 
-7.12 0.01 8.78 

8.29 
7.8 

7.67 
7.41 
7.11 
6.87 
6.47 

6.1 

E112 = half wave potential for the complex 

Eo112 = half wave potential for the free ion 

Total ion concentration = 0.02 mM 

E112(V) -pOH ~E112(V) 

-0.702 -2 .88 0.182 
-0.702 -2 .98 0.182 

-0.69 -3.11 0.17 
-0.686 -3.2 0.166 
-0 .678 -3.3 0.158 

-0.67 -3.41 0.15 
-0.658 -3.62 0.138 

-0.63 -3.96 0.11 
-0.626 -4.09 0.106 
-0.618 -4.24 0.098 
-0.605 -4.49 0.085 
-0.602 -4 .59 0.082 

-0 .6 -4.67 0.08 
-0.596 -4.86 0.076 
-0.588 -4.94 0.068 
-0.578 -5 .18 0.058 
-0.558 -5 .67 0.038 
-0.548 -6.16 0.028 
-0.548 -6.29 0.028 
-0.544 -6.55 0.024 
-0.536 -6.85 0.016 

-0.53 -7.09 0.01 
-0.528 -7.49 0.008 
-0.527 -7.86 0.007 
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TABLE A-13 TABLE A-14 

T = 28.8 oc; I= 0.05 M; Eoll2 = -0.52 V T = 28.8 °C; I= 0.05 M; Eol/2 = -0.52 V 

pH E112(V) 

10.62 -0.674 
10.23 -0.652 
9.98 -0.638 
9.78 -0.626 
9.67 -0.618 
9.17 -0.59 
8.97 -0.585 
8.86 -0.575 
8.79 -0.58 

8.7 -0.578 
8.55 -0.568 
8.41 -0.565 
8.22 -0.558 
8.17 -0.558 
8.11 -0.558 
7.8 -0.548 

7.64 -0.548 
7.5 -0.542 

7.28 -0.54 
7.15 -0.536 
7.03 -0.532 
6.84 -0.53 

-pOH ~E112(V) pH 

-3.34 0.154 11.16 
-3.73 0.132 11.07 
-3.98 0.118 10.98 
-4.18 0.106 10.87 
-4.29 0.098 10.78 
-4.79 0.07 10.69 
-4.99 0.065 10.59 

-5.1 0.055 10.43 
-5.17 0.06 10.24 
-5.26 0.058 10.14 
-5.41 0.048 9.99 
-5 .55 0.045 9.85 
-5.74 0.038 9.68 
-5.79 0.038 9.4 
-5.85 0.038 9.14 
-6.16 0.028 8.5 
-6.32 0.028 7.75 
-6.46 0.022 7.48 
-6.68 0.02 7.28 
-6.81 0.016 7.08 
-6.93 0.012 6.52 
-7.12 0.01 

EJ/2 = half wave potential for the complex 

E01t2 = half wave potential for the free ion 

Total ion concentration = 0.02 mM 

E112(V) -pOH ~112(V) 

-0.708 -2.8 0.188 
-0.702 -2.89 0.182 
-0.696 -2.98 0.176 

-0.69 -3.09 0.17 
-0.682 -3.18 0.162 
-0.678 -3.27 0.158 
-0.674 -3.37 0.154 

-0.66 -3.53 0.14 
-0.65 -3.72 0.13 

-0.646 -3.82 0.126 
-0.634 -3.97 0.114 

-0.63 -4.11 0.11 
-0.61 -4.28 0.09 

-0.6 -4.56 0.08 
-0.592 -4.82 0.072 
-0.566 -5.46 0.046 

-0.55 -6.21 0.03 
-0.548 -6.48 0.028 
-0.538 -6.68 0.018 
-0.538 -6.88 0.018 
-0.532 -7.44 0.012 
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TABLE A-15 TABLE A-16 

T= 25 .7 oc; I= 0.1 M; Eol/2 = -0.55 V T = 25.7 °C; I= 0.1 M; E01;2 =- 0.538 V 

pH Eli2(V) -pOH Lllili2(V) pH Eli2(V) -pOH Lllil!2(V) 

11.19 -0.71 -2.77 0.16 11.18 -0.703 -2.78 0.165 

11 .06 -0.707 -2.9 0.157 11.06 -0.7 -2.9 0.162 

10.96 -0.7 -3 0.15 10.94 -0.69 -3.02 0.152 

10.91 -0.694 -3.05 0.144 10.79 -0.683 -3.17 0.145 

10.82 -0.69 -3 .14 0.14 10.68 -0.672 -3.28 0.134 
10.76 -0.69 -3.2 0.14 10.6 -0.666 -3 .36 0.128 
10.66 -0.68 -3.3 0.13 10.49 -0.662 -3.47 0.124 

10.5 -0.678 -3.46 0.128 10.32 -0.653 -3 .64 0.115 
10.46 -0.67 -3.5 0.12 10.16 -0.64 -3.8 0.102 
10.42 -0.67 -3.54 0.12 10.1 -0.63 -3.86 0.092 
10.39 -0.667 -3.57 0.117 9.96 -0.625 -4 0.087 
10.36 -0.665 -3.6 0.115 9.87 -0.62 -4.09 0.082 
10.32 -0.662 -3 .64 0.112 9.75 -0.617 -4.21 0.079 
10.29 -0.66 -3.67 0.11 9.64 -0.613 -4.32 0.075 
10.22 -0.653 -3.74 0.103 9.58 -0.613 -4.38 0.075 
10.15 -0.653 -3 .81 0.103 9.5 -0.612 -4.46 0.074 

10 -0.648 -3.96 0.098 9.39 -0.61 -4.57 0.072 
9.91 -0.642 -4.05 0.092 9.2 -0.598 -4.76 0.06 
9.83 -0.638 -4.13 0.088 9.09 -0.595 -4.87 0.057 
9.73 -0.63 -4.23 0.08 8.96 -0.59 -5 0.052 

9.6 -0.627 -4.36 0.077 8.88 -0.583 -5.08 0.045 
9.53 -0.62 -4.43 0.07 8.62 -0.578 -5.34 0.04 
9.44 -0.617 -4.52 0.067 8.26 -0.568 -5.7 0.03 
9.32 -0.613 -4.64 0.063 8 -0.565 -5 .96 0.027 
9.22 -0.61 -4.74 0.06 7.8 -0.56 -6.16 0.022 
9.08 -0.603 -4.88 0.053 7.66 -0.557 -6.3 0.019 
8.92 -0.598 -5.04 0.048 7.51 -0.557 -6.45 0.019 
8.68 -0.59 -5.28 0.04 7.27 -0.552 -6.69 0.014 
8.52 -0.59 -5.44 0.04 7.22 -0.552 -6.74 0.014 
8.36 -0.58 -5 .6 0.03 7.18 -0.552 -6.78 0.014 
8.16 -0.58 -5.8 0.03 7.1 -0.55 -6.86 0.012 
7.96 -0.578 -6 0.028 7.03 -0.55 -6.93 0.012 
7.83 -0.572 -6.13 0.022 6.97 -0.55 -6.99 0.012 
7.74 -0.57 -6.22 0.02 6.86 -0.548 -7.1 0.01 
7.49 -0.568 -6.47 0.018 6.55 -0.548 -7.41 0.01 
7.32 -0.567 -6.64 0.017 

E112 = half wave potential for the complex 

Eo1r2 = half wave potential for the free ion 

Total ion concentration = 0.02 mM 



TABLE A-17 TABLE A-18 

T = 25 .7 oc ; I= 0.1 M; E01;2 = -0.518 V T = 25.7 °C; I= 0.3 M; Eo112 = -0.546 

pH E112(V) 

11.14 -0.687 
11 .04 -0.678 
10.93 -0.67 
10.71 -0.657 
10.56 -0.65 
10.44 -0.648 
10.37 -0.648 
10.27 -0.642 
10.14 -0.634 
10.05 -0.63 
9.96 -0.62 
9.87 -0.615 
9.77 -0.606 

9.7 -0.605 
9.6 -0.6 

9.48 -0.595 
9.28 -0.59 
9.19 -0.582 
8.96 -0.577 
8.75 -0.565 
8.66 -0.56 

8.5 -0.558 
8.37 -0.555 
8.25 -0.552 
8.08 -0.55 
7 .91 -0.545 
7.84 -0.543 
7.74 -0.542 
7.58 -0.537 

7.4 -0.536 
7.29 -0.533 
7.25 -0 .532 

-pOH AE112(V) pH 

-2.82 0.169 11.2 
-2.92 0.16 11.01 
-3.03 0.152 10.86 
-3.25 0.139 10.63 

-3.4 0.132 10.45 
-3.52 0.13 10.29 
-3.59 0.13 9.8 
-3.69 0.124 9.56 
-3.82 0.116 9.28 
-3.91 0.112 8.99 

-4 0.102 8.47 
-4.09 0.097 8.12 
-4.19 0.088 7.88 
-4.26 0.087 7.69 
-4 .36 0.082 7.43 
-4.48 0.077 7.11 
-4.68 0.072 7.02 
-4.77 0.064 

-5 0.059 
-5.21 0.047 

-5 .3 0.042 
-5.46 0.04 
-5 .59 0.037 
-5.71 0.034 
-5.88 0.032 
-6.05 0.027 
-6.12 0.025 
-6.22 0.024 
-6.38 0.019 
-6.56 0.018 
-6.67 0.015 
-6.71 0.014 

E112 = half wave potential for the complex 
E01 ;2 = half wave potential for the free ion 

Total ion concentration = 0.02 mM 

E112(V) -pOH ~E112(V) 

-0.707 -2.76 0.161 
-0.698 -2.95 0.152 

-0.69 -3.1 0.144 
-0.67 -3.33 0.124 

-0 .663 -3 .51 0.117 
-0.655 -3.67 0.109 
-0.628 -4.16 0.082 
-0.618 -4.4 0.072 

-0.6 -4.68 0.054 
-0.59 -4.97 0.044 

-0.576 -5.49 0.03 
-0.572 -5.84 0.026 
-0.566 -6.08 0.02 
-0.562 -6.27 0.016 
-0.557 -6.53 0.011 
-0.554 -6.85 0.008 
-0.552 -6.94 0.006 
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TABLE A-19 TABLE A-20 

T = 25 .7 oC; I= 0.3 M; E01;2 = -0.533 V T = 25.7 °C; I= 0.3 M; Eau2 = -0.546 V 

pH E112(V) 

11.41 -0.715 
11.26 -0.705 

11.1 -0.697 
10.96 -0.685 
10.79 -0.673 
10.62 -0.662 
10.47 -0.65 
10.24 -0.645 
10.16 -0.637 
10.09 -0.632 

9.98 -0.614 
9.75 -0.607 
9.64 -0.6 
9.53 -0.598 
9.37 -0.593 
9.25 -0.59 
9.11 -0.583 
8.86 -0.573 
8.68 -0.57 
8.55 -0.568 
8.35 -0.565 
8.24 -0.558 
8. 17 -0.557 
8.02 -0.554 
7.85 -0.552 
7.56 -0.55 
7.52 -0.548 

7.3 -0.547 
7.2 -0.545 

-pOH ~E112(V) pH 

-2.55 0.182 11 .11 
-2.7 0.172 10.94 

-2.86 0.164 10.7 
-3 0.152 10.57 

-3.17 0.14 10.35 
-3.34 0.129 10.04 
-3.49 0.117 9.98 
-3.72 0.112 9.87 

-3.8 0.104 9.7 
-3.87 0.099 9.45 
-3.98 0.081 9.39 
-4.21 0.074 9.18 
-4.32 0.067 9.1 
-4.43 0.065 8.81 
-4.59 0.06 8.7 
-4.71 0.057 8.2 
-4.85 0.05 7.96 

-5.1 0.04 7.78 
-5.28 0.037 7.54 
-5.41 0.035 7.3 
-5.61 0.032 7.2 
-5.72 0.025 
-5.79 0.024 
-5.94 0.021 
-6.11 0.019 

-6.4 0.017 
-6.44 0.015 
-6.66 0.014 
-6.76 0.012 

E112 = half wave potential for the complex 

Eo1t2 = half wave potential for the free ion 
Total ion concentration = 0.02 mM 

EI I2(V) -pOH ~E112(V) 

-0.704 -2.85 0.158 
-0.695 -3.02 0.149 
-0.677 -3.26 0.131 
-0.668 -3.39 0.122 

-0.66 -3.61 0.114 
-0.643 -3.92 0.097 
-0.638 -3.98 0.092 

-0.63 -4.09 0.084 
-0.624 -4.26 0.078 

-0.61 -4.51 0.064 
-0.605 -4.57 0.059 
-0.595 -4.78 0.049 
-0.592 -4.86 0.046 
-0.585 -5.15 0.039 
-0.584 -5.26 0.038 
-0.575 -5.76 0.029 

-0.57 -6 0.024 
-0.564 -6.18 0.018 

-0.56 -6.42 0.014 
-0.555 -6.66 0.009 
-0.554 -6.76 0.008 
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