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1. INTRODOCT!Ol\ 

ALTERRA, 
Wageningen Universiteit & Research 

Omgevingswetenschappen 
Centmm Water & Klimnat 

Team Integraal Waterly..t,.,.,, 

For chemica] calculatlons with gaseaus equilibria and for non­

Jonic reactions in salution one can calculate in terms of concentra­

tlons to a fairly good approximation. However, in dealing with ionic 

reactlons, with eertalo aspects of kinetics in solution, and with 

electromotive force studies, substltution of concentrations for acti­

vities is frequently not possible. For this reason it is essential to 

consider how ionic concentrations can be converted to activities. 

The activity of an ion can be calculated by multiplying the con­

centration with the activity coefficient. For solutions with an ionic 

strength lower than 0.1 mole.I- 1 theoretica} formulas for the activity 

coefficients are available. Five known equations are those of DEBEYE 

and HÜCKEL (1923). frequently refered to as the limiting law of Debeye 

and Hiickel, GÜNTELBERG (1926), DAVJES (1938), SCATCHARD (1936) and 

B.JERRUM (1926). 

For more concentrated solutions these formulas cannot be used 

because the activity coefficients will increase at higher ionic 

strenghts. Several authors proposed formulas that do count for this 

phenomena (HÜCKEL, 1925; MAYER, 1950; SCATCHARD, 1961; FRIEDMAN, 1972: 

PITZER, 1975: etc.), However, values for the (several) ion dependent 

parameters in these formulas are not given by these authors. 

In this note experimental data will be given as curvefitted for­

mulas of the extended Debeye-Hückel equation as proposed by HÜCKEL 

(1925): 

-A.zr (I >o.5 

l+B.R. (IJ
0

·" 
~ C. I ( 1 ) 
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where:. f ( = t~e &ctivity coefficient of ion i 

ä .. =.curvefitted ion dependent parameter (A) 
'•' . •;,> > 

'C = curvet-i tted ion dependent parameter (mole-1.1) 

z1 valencie of ion i 

I = ionic strength (mole.J-1) 

A temperature dependent coefficient (mo1e-0.5.10.5) 

B temperature dependent coefficient (A-l.mole-0.5.10.5) 

Aim of this study is to obtain va1ues for the ion dependent para­

meters a and c for 29 frequent1y mentioned soi1 ions. 

2. THEORY 

2.1. Definitions 

The fol1owing definitions are neccssary when dealing with activi­

ties of strong electrolytes. Consider an electro1yte AxBy that disso­

ciates in salution according to: 

A B 
x y 

z+ z_ 
x.A + y.B 

where: x and y = the stochiometric coefficients 

z+ and z_ = the valeneles of the ions 

( 2) 

The total activity of the electrolyte as a whole, at. is defined 

in terms of the single ion actlvities of the two ions a+ and a_ as: 

x y 
a .... a_ 

a_ 

/·+ mole.l-1 

;{- mole.J-1 
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Equation 3 is in fact the chemical equilibrium equation with K=l 

because a strong electrolyte dissociates completely. 

The tötal number of ions resulting from one molecule of electro­

lyte can be written as v=x+y. The geometrie mean activity of the elec­

trolyte or the mean activity, a*, is then defined as: 

( 4) 

The relation between concentrations and actlvities is given acear­

ding to Henry's law by: 

(5a) 

c_.L (5b) 

where: c+ and c_ • concentrations (mole.l-1 ) 

f+ and f_ single ion activity coefficients 

The single ion actlvities of the cation and anion are defined in 

such a way that their activity wiJl equal their concentration in an 

infinite diluted solution. In other words f_ and f_ approach unity in 

an infinitely diluted solution. Combining equations 5a and 5b with 

equation 3 yields 

( 6) 

and for the mean actlvity from equation 4 

( ï) 

x y 1/v 
The factor (f+.f .. ) is called the mean activity coefflcient of 

the electrolyte, ft. i.e. 
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(8) 

1/v 
Similarly. the factor (cX.cY) is defined as the mean molarity 

+ -

of thP electrolyte, c,. 

In terms of the mean molarity and mean activity coefficients, 

equations 6 and 7 may be written as 

Finally, since for any electrolyte of molarity c, c.=x.c and 

c_=y.c equations 10 and 11 become also 

x y 1/v v 
(((x.cl (y.c) ) ftl 

x y 1/v x+y llv v 
= ((x .y ) (c ) ftl 

I /V V 1 /v V 
= ((xx./l (c ) ft) 

x y v fv± (x.y).c 

( 9) 

(10) 

( 11) 

(12) 



and 

K 
(K.C) 

y 1/v 
( y. c) ) 

K V 1/V 
(K . y· ) 

K y 1/v 
(x . Y ) 

x+y 1/v 
( c ) f ± 

v 1/v 
( c ) f ± 

K Y 1/v 
(x.y) .c.f± 

-5-

(13) 

With equations 12 and 13 activfties can be converted into concen­

trations and visa versa. Although these expresslons may appear compli­

cated. they are actuaJly rather simplewhen applied to specific cases. 

Fora 1-1 electrolyte, such as sodium chloride, of molarity c, x=1, 

y=1 and v=2. and, therefore 

2 at=!l.l).c 

at = ( 1 .1 )~ . c . f 
± 

f~ 

For an e1ectro1yte of the 2-1 type, such as barium chloride, we 

obtain x=1, y=2 and v=3, and hence 

2 3 
( 1 . 2 ) . c f~ 3 

4 . c f~ 

. c . ft 

In tabJe 1 the relations of c±• a, and at to c and f± are summa­

rized for a number of different types of electrolytes. 

The definitions for the ionic and mean activity coefficients have 

been expressed in terms of concentration in rnales per liter of solu-
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I 

-6-

tJon. In electrochemical work quite frequently concentrations are 

expressed on a molality basis, m, in moles per kilogram solution. When 

this is the case, equatJons 12 and 13 become 

and 

x y 1/v 
a± : (x . y ) . m , y ± 

V 
Yt 

where: m = total concentration of the electrolyte on molal basis 

y, = molal mean activity coefficient 

(14) 

(15) 

Table 1. Relation of a± and at to c and ft for various electrolytes 

(after MARON and PRUTTON, 1965) 

Electrolyte Example x ! y V Ct 8t=Ct.ft at=a~ 
type 

' 
1-1 Na Cl 1 1 2 c.f± c2. f~\ c 

I 
' 

2-2 CaS04 I 1 2 c c.f± c 2 .f~ 

3-3 A 1 P04 1 1 2 c c.f± c 2 .f~ 

1-2 Na2S04 2 1 3 ( 4)1/3.c ( 4)1/3,c.f± 3 f3 4.c . ± 

2-1 BaCl2 1 2 3 ( 4)1/3.c ( 4) 1/3. c. f± 3 f3 4.c . ± 

1-3 Na3Po4 3 1 4 ( 27)1/4.c ( 27)ll4.c.f± 4 f4 27.c . ± 

3-1 La(N03 )3 1 3 4 ( 27) 114.c ( 27)1/4.c.f± 27.é.f~i 
' 

2-3 C:a3(P04)2 3 2 5 ( 108) 1/5. c (108)1/5.c.f± 108. c5. rf 
I 
i 

3-2 T.A 2 (S04l 3 2 3 5 (10B)ll5.c (108)115.c.f± 5 f5 108.c . ± 

' 
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r, and y, are related by the expressJon 

where: p0 the density of the pure solvent 

and 

!!) 
c 

l+O.OOJ.m.M 
p 

where: M 

p 

the molecular weight of the electrolyte 

density of the solution 

(16) 

(17) 

From equations 16 and 17 it can be shown that for dilute aqueous 

solutions f, will be essentially equal toY±; however, in more concen­

trated solutions the two will have different values. 

The conversion from molallties to molarities with equation 16 will 

glve problems because p is not commonly known. For some solutions the 

Handhook of Chemistry gives data for p in relation with m and c. These 

data are used to calcuJate the deviation between f± and Y± for a range 

of molal concentrations and electrolytes (see table 2). The deviation 

is calculated according to the equation 

deviation 

where: y, 

x 100% ( 18) 

molal mean activity coefficient (data from ROBINSON and 

STORES, 1959) 

ft calculated molar mean activity coefficlent 

lt can be concluded from table 2 that the dlfferences between f± 

anrl Y± are smal! anrl usually can be neglected. The calculations 

carrled out in the followlng chapters are based on the assumption that 

~lectrolyte concentrations on molarity basis equals those based on 

molallty basis. i.e. m=c. 
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Table 2. Deviation between measured molal mean activity coef-

ficient and calculated molar mean activity coeffi-

cient for several electrolytes (%) 

m KCl Na Cl NH4Cl MgCJ2 CaC1 2 BaCJ 2 

0.1 0.4 0.2 0.2 1.2 1.1 0.6 

0.2 0.1 0.0 1.0 0.9 0.7 0.2 

0.3 0.6 0.2 1.7 0.7 0.5 0.0 

0.4 1.0 0.3 2.2 1.2 0.9 0.4 

0.5 1.3 0.3 2.6 2.4 2.1 1.5 

0.6 1.5 0.4 3.0 3.3 3.0 2.4 

0.7 1 . 7 0.4 3.2 4.1 3.8 3.2 

0.8 1.9 0.5 3.4 4.8 4.4 3.9 

0.9 2.0 0.5 3.6 5.4 5.0 4.5 

1 . 0 2. 1 0.5 3.8 6.0 5.5 5.0 

1 . 2 2.3 0.6 3.4 5.2 4.9 3.1 

2.2. Ion-pair formation 

Although complete ionic dissociation applies to many salts 

dissolved in water, it is not a rule of universa! validity. For 

example, a large fraction of the cations and anions of certain strong 

electrolytes are so attracted to one another in salution that they 

behave as if un-ionized. Ions associated in this manner are called 

'ion-pairs'. If the ions are of equal but opposite charge, the ion-

pair will be uncharged, e.g. ca2+ and so~- ions form the 

pair; if the ions are of unequal charge, the ion-pair will 

charge, e.g. K+ and so~- form KS04. 

caso0 ion-
4 

have a 

The extent to which free ions associate in salution is expressed 

by the traditional methad for presenting the dissociation of weak 

electrolytes. Thus for the ion-pair CaSO~. the dissociation reaction 

is wr itten as 



CaSO~ ~ ca2+ + SO~-

and 

K 
(ca2+). (So~-) 

(CaSO~) 
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( 19) 

(20) 

where parenthese denote activity. The activity coefficient of the ion­

pair is generally assumed to be unity. Equilibrium constants for seve­

ral ion-pairs in aqueous solution are given by TRUESDELL and JONES 

(1974). BOLTand BRUGGENWERT (1978), LINDSAY (1979) and STUMM and 

MORGAN ( 1981). 

As a result of ion-pairing, a soil-solution ion may actually be 

present as several different species. For example, soil solution Ca 

2+ 0 0 + + may be present as Ca . CaS04 , CaHP04 . CaH2Po4 and CaHco3 . However, 

the analytica] procedure for determining solution Ca makes no distinc­

tion/among these species so that 'measured Ca' is actually the sum of 

2 0 0 + + ca + + Caso4 + CaHP04 + CaH2Po4 + CaHC03. Since the measured Ca con-

centration of a soil solution. then, is actually the combined total of 

all Ca species in solution, the actual concentration of the 'free' 

ca2+ ion must be calculated. 

The following general principes apply to iori-pairing of common 

soil solution cations and anions (after ADAMS, 1971): 

- there is no ion-palring of cations with Cl-

- ion-palring of cations with N03 is small enough to be neglected 

-ion-paring wlth SO~- is general: it is slight with univalent catJons 

but extensive with multivalent cations 

- Jon-paring wHh H2Po4 or HPO~- is only slight for univalent catlons 

and can he ignored: ion-palring between H2Po4 and multivalent 

eaUons is significant but not extensive: ion-pafring between HPO~­
and multivalent cations is extensive 
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- ion-palring between HC03 anrl univalent cations is insignificant: 

ion-palring of multivalent cations wJth HC03 is significant at high 

pH or at abovenormaJ co2 pressure. 

2.3. Debeye-Hückel theory 

Due to electrostatle attractions between charged ions, each posi­

tive ion in salution must be surrounded on an average with more nega­

tlve ions than ions of like charge; and conversely for each negative 

ion. Thls means that each ion in salution is surrounded by an ionic 

atmosphere whose net charge is opposite to that of the central ion. 

Further. Debeye and Hückel postulated that the properties of the elec­

trolyte can be determined by the interaction of the central ion and 

lts atmosphere. 

The effect of the concentration of the ions is described with the 

lonlc strength, which is a measure of the electrical environment of 

the solution. It is defined as 

I = ~ î zi . Cj 

where: I ionic strength (mole.l-1) 

charge of ion i 

concentration of ion i (mole.I-1 ) 

( 21 ) 

The summation in equation 21 must include all ionic species pre­

sent in the solution. Jt is generally assumed that the activity coef­

ficients and association coefflcients are independent of the medium 

compositJon at a given ionic strength. Using this principle, activity 

coefficients can be calculated. 

The interactlans can be divJded Jnto longrange Coulomb forces and 

shortrange interactive forces between the central ion and its atmos­

phere of ions with opposlte charge. The quotient of these two forces 

is infact the Debeye-Hückel equatlon: 



log f 
i 

where: f1 

Zj 

I 
g 

A.z~. (1)0.5 

1+B.R. (1) 0 · 5 
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actlvity coefficlent of ion i 

charge of ion i 

ionic strength (mole.l-1) 

diameter of the hydrated ion i (A) 

A = temperature dependent coefficient (at 25°C A 

male- 0.5.10.5) 

B temperature dependent coefficient (at 25•c B 

A-1.mole-0.5.10.5) 

0.5085 

0.3281 

This equation is only valid for dilute solutions with ionic 

strengtbs up ot 0.1 mole.l-1. 

(22) 

Measurements of the actlvity coefficients at various ionic 

strengtbs show that at low ionic strengtbs the activity coefficients 

decrease to a certain point, and increase again beyond that point to 

values that might be greater than unity. This is illustrated in 

figure 1. 

log I 

Fig. 1. Log fi versus log I for ion i 
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Thls phenomena of increasing coefficients can be explained with 

the interaction of hydrated !ons with their solvent. Due to an 

lncrease of ionic strength more !ons have to use the same quantity of 

solvent (water) to hydrate. This causes a larger deviation from !deal 

behaviour where ions are not assumed to interact due to a large amount 

of solvent relative to the solute. In order to account for this pheno-

mena H0CKEL .(J925) hn• · .:ted out that equation 20 can be extended by 

the introduetion of another term lineair in I: 

A.z~. (!)0.5 

1+B.R. (n°· 5 
- C. I 

where: C • an ion dependent constant (mole-1.1) 

(23) 

Several other authors postulated second. third or even higher 

degree extensions of the Debeye-Hückel equation (MAYER, 1950; 

SCATCHARD. 1961; SCATCHARD et al, 1970; FRIEDMAN, 1972; REILLY et al, 

1971: HAMER and WU, 1972; PITZER, 1975; PITZER and MAYORGA, 1973, 

1974; PlTZER and KIM. 1974; JUSTICEet al, 1976, 1977; JUSTICE, 1978). 

Accord!ng to HELGESON et al (1981) practical application of these com­

plicated theoretica) equations is hardly justified because they 

imprave accuracy over equation 23 only to the extent of a percent at 

ionic strengtbs ranging up to 6 mole.l-1. 

2.4. Determination of mean activity coefficlents 

A number of experimental methods have been developed or perfected 

for the determlnatlon of mean activity coefficients of solutes (elec­

trolytes) in a selected solvent. 

These are based on: 

- freezing-polnt depressJon 

- boiling-point devation 

- vapor-pressure lowering 

- isopiestic or vapor-pressure equilibrium 

- electromotive farces of galvanic cells without liquid junction 

- electromotive forces of galvanic cells with transference 

- sol u bi llty 

- diffusion 
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The first four involve measurements of the escaping tendency of 

the solvent and the subsequent evaluation of the solute activity 

through the Gibbs-Duhem equation (see HAMER and WU, 1972). The last 

four give direct measures of the solute activity. The solubility 

methad is generally applicahle only to sparingly soluble salts and 

therefore not frequently used. 

A ninth metbod invalving the measurement of the osmotic pressure 

of a salution across a semi-permeable membrane is subject to many 

experimental difficulties. 

A tenth methad invalving bithermal equilibration in the vapor 

phase has riot been tested sufficiently to be classed as a precision 

methad. 

Data of measured mean activity coefficients are available abun­

dantly in literature. e.g. ROBINSON and STOKES (1959), HAR~ED and OWEN 

(1967), HAMER and WU (1972) and PYTKOWICZ (1979). 

2.5. The mean-sal t metbod 

With the mean-salt method, which has been described extensively by 

GARRELS and CHRIST (1965), the measured mean activity coefficients can 

bP canverted into single ion activity coefficients. This conversion is 

based on the Maclnnes convention stating that the single ion activity 

coefficients of K+ and cl- are equal. By this convention the behaviour 

of KCl in salution can be used as the standard for calculating single 

ion activity coefficients. Writing the convention in terrns of activity 

coefficients according to equation 8 gives: 

(24) 

Using this relationship other single ion activity coefficients 

can be calculated, e.g. a n-valent chloride MCl 

f ( MC 1 ) 
± n 

_1_ 
n+ - n n+l 

[f(M ).f(Cl ) ) 

1 
n+ n n+l 

[f(M ).f (KCl) ) 
± 

(25) 



gives 

n+ 
f (M ) = 

n+1 
[f±(MCln)] 

n 
ff CKCl) 1 - ± . 
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(26) 

For obtaining single ion actJvity coefficients of anions f±(KCl) 

should be substituted for f(K+), e.g. K2so4 gives for the f(SO~-l: 

and 

! f + CK 2so4 ) ]3 

[f±(KC1)] 2 

3. WORKING PROCEDURES 

(27) 

(28) 

In order to obtain formulas for activity coefficients of indivi­

dual ions the mean salt method has been applied to data given by 

ROBINSON and STOKES (1959). These data consist of tables descrihing 

mean activity coefficients as function of molality. Following the con­

clusions described in chapter 2.1 it has been assumed that molality 

equals molarity. Furthermore, following the conclusions of ADAMS 

(1971) and HELGESON et al (1981, p. 1328 and 1335), it has been 

assumed that ion-pair formation in the electrolyte solutions used for 

calculatin~ the single activity coefficients can be neglected. 

These electrolyte solutions are all single salt solutions. Ion­

pair formation can only play a minor role in these solutions because 

of the restrlcted number of ion species involved. Furthermore, most of 

these electrolyte solutions are chlorides and according to ADAMS 

(1971) not sensitive to ion-pair formation. The electrolyte solutions 

that are used to calculate the single activity coefficients are summa­

rized in table 3. 
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Table 3. The various electrolyte solutions used to calculate 

single activity coefficients 

1-1 2-1 3-1 1-1 1-2 

KC] Feci 2 AlCl3 KCJ K2so4 
HCl caCJ 2 KOH K2HP04 

Na Cl MgC1 2 KH 2Po4 K2co3 
NH4Cl BacJ 2 KHC03 

Mnci 2 KI 

crcJ 2 KN03 

coc1 2 KBr 

NiCJ 2 KF 

CuC1 2 
znc1 2 
CdCJ 2 
Pb(N03I2 

The calculations are carried out as follows: 

1-3 

K3Po4 

First. the molar data are multiplied by a factor given in table 4 in 

order to obtain ionic strengtbs (see for instanee HAMER, 1968). 

Table 4. Conversion factors for obtaining ionic strenghth 

. from molar data 

Electrolyte type molarity ionic strength 

1-1 Na Cl 1.0 1.0 

1-2 Na2so4 1.0 3.0 

2-1 MgCJ 2 1.0 3.0 

2-2 Mp;S04 1. 0 4.0 

3-1 AJCJ3 l . 0 6.0 
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Secondly, the mean-salt metbod has been applied to data points of the 

same ionic strength. Where necessary the data at a specific ionic 

strength has been derived with quadratic interpolation from the given 

data. 

Thirdly, the results of the mean-salt methad have been curvefitted 

wlth the extended Debeye-Hückel equation (23) with I and C as parame-

ters. 

4. RESCLTS 

4.1. Individual !ons 

The data used and the results of the mean-salt method, i.e. the 

calculated single activity coefficients, are given in the appendix. 

For each chemica] compound values for the (measured) mean activity 

coefficient and the calculated single activity coefficients are given 

agaitfst ionic strength. 

The results of the curvefitting between the single activity coef­

ficlents and ionic strengtbs (equation 23) are given in table 5. 

~ In the limiting law of Debeye-Hückel (equation 22) parameter á 

stands for the diameter of the hydrated ion i, and thus is a real phy­

slcal property. In the extended Debeye-Hückel equation (equation 23) I 

has lost its/physical meaning and is only an ion-dependent constant 

justas the C-parameter (HELGESON et al, 1981). However, the á values 

calculated by the curvefitting procedure for the extended Debey-Hückel 

equation differ not very much from the á values given by BOLT et al 

(1978) for the limiting Debeye-Hückel equation (see table 6). 

Besldes values of ä and C, the deviatlon between the observed and cal­

culated single activity coefficients is given in table 5 according to: 

where: s2 

(29) 

the sum of the squares of the differences between observed 

and calculated data 

f single activity coefficients derived from the data given 

by ROBINSON and STOKES (1959) 

fj caJculated single activity coefficients according to the 

equations obtained by the curvefitting procedures 

( 
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Table 5. Results of the curve fitting procedure 

Ion Electro- No. of s c s2 I-range 
lyte .used datapairs 

Na+ Na Cl 22 4.152 0.07000 0.4020E-3 0.002-3.0 

H+ HCl 23 4.272 0.24629 0.6727E-3 0.001-3.0 
+ 

NH4 NH4 20 4.124 0.00000 0.9616E-3 0.1 -4.5 

Fe2+ Fecl 2 12 4.816 0.18586 0.6699E-3 0.3 -4.2 

ca2+ cac1 2 17 4.853 0.17807 0.1038E-2 0.006-4.2 

Mg2+ MgC1 2 12 4.720 0.24143 0.2432E-2 0.3 -4.2 

Mn 2+ Mncl 2 12 5.119 0.14650 0.1445E-3 0.3 -4.2 

Ba2• aac1 2 12 5.040 0.07143 0.4333E-4 0.3 -4.2 

cr2+ crcl 2 11 0.002 1.01100 0.9847E-2 0.3 -3.6 

Co 2 ~ CoCL2 12 4.804 0.20500 0.6998E-3 0.3 -4.2 

N·2+ • 1 NiC1 2 12 4.730 0.21371 0.9510E-3 0.3 -4.2 

cu2+ cuc1 2 12 5.308 0.07500 0 .1108E-3 0.3 -4.2 

zn2• znc1 2 12 7.082 -0.06857 0.4061E-3 0.3 -4.2 

cd2+ CdC1 2 12 0.020 -1.51500 0. 1295E-3 0.3 -4.2 

Pb2+ Pb(N03 )2 9 3.048 0.19643 0.2225E-3 0.3 -2.7 

f\13+ AlC1 3 7 5.188 0.21771 0.5169E-5 0.6 -4.2 

Cl- KCl 26 3.550 0.01614 0.2231E-3 0.001-4.5 

oH- KOH 17 3.181 0.20090 0.5393E-3 0.1 -3.0 

I- KI 20 4.960 0.03357 0.2753E-3 0.1 -4.5 

F- KF 19 3.176 0.08643 0.7061E-3 0.1 -4.0 

Br- KBr 20 3.878 0.02321 0.3576E-4 0.1 -4.5 
-

N03 KN03 18 1.410 -0.13843 0.1414E-3 0.1 -3.5 
-

HC03 KHCO:" 14 5.340 0.00169 0.2706E-4 0.01 -2.5 

H2Po4 KH2po4 14 0.989 -0.14493 0.1388E-3 0.1 -1.8 

co~- K2co3 14 5.381 0.00386 0.6825E-4 0.01 -2.5 

HPO~- K2HP04 10 4.418 -0.16429 0.4781E-4 0.3 -3.0 

so2-4 K2S04 7 2.989 -0.10129 0 .1848E-5 0.3 -2.1 
' 

!PO~- K3P04 7 5.414 0.16071 0.2594E-2 0.6 -4.2 
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Tahle 6. Comparison hetweensome calcnlated g valnes 

accoJ•d i ne: t.o eqnat. i on 2:1 ano g val u es p.-J ven bv 

HOI,T et a 1 ( J 971!) for P.qnat.1 on 22 

Jon 

hCO:J 
X a ... 

2 co
3

-

H­

so 2-
" 

c:a2-

Ff·2-

Mp2-

AI:l-

{) 
a 

f i tt.«d for t.he 
extenclterl IJ-H eq. 

4.42 

a.55 

4. 15 

5.31! 

4.27 

2.99 

~i. 55 

<l.H5 

4.fl2 

4.72 

5. Î ~ 

given bv Holt et al 

for the Jimit.lne: IJ-Heg. 

4 

4 

4 

5 

9 

4 

a 
6 

6 

ll 
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In all cases the value of s2 is very small which implicates that 

the various e4ua •• u~s fit the measured data well. In the last column 

of table 5 the ionic strength range is given in which the equations 

are fitted. Extrapolation of these formulas to lower ranges of I is 

assumed to be possible which extends the usefulness of the equations 

(see Maron and Prutton, p. 442). 

The curvefittact equations are represented graphically showing the 

relations between the activity coefficient of individual ions against 

ionic strength (see figures 2 until 8). The figures are divided in 

graphical representations showing the relations for univalent, diva­

lent and trivalent cations and anions. It can be concluded that high 

charged ions in general have activity coefficients that are minor in 

value to activity of less charged ions for any given ionic strength. 

Further, there is not much difference in values of activity coeffi­

cients between equally charged cations and anions in the lower ionic 

strength range. 
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In all the figures the, frequently used. Davies equation has been 

included: 

-0.3.1) 

single activity coefficient of ion i 

charge of ion i 

ionic strength (mole.l-1) 

(30) 

it. can heseen that the llavies equatJon fits the single activit.v 

coefficients of most Jons quite well Jn the lower Jonic strength 

rnn~e. h11t dHviates frnm the data ahove tonic strengths of 0.01 

mole. 1-;. in the rangP. hetween 0.01 and O.:l mole.l-1 . especiallv the 

activitv coefficients for the H-. K-. ~"~· cct2-. cr2~. PJ-,2-. ;\o:;. 

H2?o:. HPO~- <Jnd so~- ions ~:an nnt he "alculated accnratelv hy the 

Davies eouation. Ahove an ionJc stren?"th of 0.3 mole.J-i the Davles 

equation is not suitahle at all for the calculation of free actJvJty 

cnefflcients nf the lons lnvolved. 
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4.2·. Jon-pijlt's 

in ord~r to dev~lop a complet~ set of formulas which can b~ used 

in hydrochemical calculations it Is necessary to assign values to the 

AC~ivity coeffi~l~nts of ion-pAirs. 

GARRELS and THOMPSON (1962) have asslgnerl a value of 1.13 to 

n~11tral ion-pairs. !l.68 to single charged plus and minus ion-pairs. 

and 0.22 to douhly charged plus and minus ion-pairs. ATKINSON, DAYHOFF 

anrl EBDON (197:1), SIIlllERT anrl HOSTilTLER (1977) and ABDEI. KHALIK and 

BLiiMER (1984) have assumed that the activity coefficient of neutral 

ion-pairs is 1.0. ABDilL KHALIK and llLÖMilR 11984) have assumed that the 

activity coefficients for the unl-charged ion-pairscan bedescribed 

hv the ~xtend~rl Debeye-Hiickel equation for Hco;; hecause the size of 

the ion-pAirs is approxlmately th~ same as the HCOij ion. REARDON 

(19831 has assumed that the activlty coeffJcient. of SrHco; is equal to 

that of Hr.o;;. 

Severai authors have estimated actJvity coefficients for ion­

pairs. For example KESTER (1969) bas estimated that the activity coef­

firient of M~SO~ in seawater Is 0.8 and RJDDEL et al (1972) computed 

an artivltv coefflcient of 0.311 fore NaNO~ at an ionlc strengthof 

1.2:1 mole. l-;. 

There is growing evidence to suggest that actlvlty coefficients 

for !neiJtrall Ion-pairs decrease with ionic strength (YEATTS and 

MARSHALL. 1969: KESTER, 1969: RIODEL et al, 1972: REARDON and 

i.A;>;GMI;IR. 1976: WHITFTEI.D. J 979: PLUMMER and SIJNDQUIST, 19R2: MILLERO 

and SCHREIBER. 1982: REARDON, 1983 and BUSENBERG and PLIJMMER. 1984). 

In fact there are several approxlmations for estimating individual Ion 

activlty coefficients of ion-pairs. Well known relations or procedures 

are those of KTRKWOOD (1939), REARDON and LANGMUIR (1976), WHITFIELD 

( 1979) and MILLERO and SCHREISER ( 1982). The theol'etical Debeye-Hückl' 1 

equation. however. is not suitable for descrihing the relations 

between fi anrl I of ion-pairs because it was originally formulated for 

completely dissociated electrolytes (DEREYE and HiiCKEL, 1923: HÜCKEL. 

i!l2~: HAMER. 1968). 
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A theoretica] expianation for the varlation of the activlty coef­

ficients of neutral ion-pairs with ionic strength is given by KIRKWOOD 

(1939). Thts theory is basedon the assumption that ion-pairscan be 

consldered as dipoles. Recently. YEATTS and MARSHALL (1969) and KESTER 

and PYTKOWTf.Z (1970) postulated that it is appropriate to consider 

M~f.O~ and CaSO~ as dinoles whlch interact with a salution to varying 

deo>:rees. dependlog on the interatomie distance and charge of the 

constituent ions and structure of the dipole. 

)ievertheless. REARDON and LANGMUIR (1976) concluded that Kirk­

wood's equation is inadequate to explain their empirica! data for di­

divalent ion-pairs. They observed a lineair decrease in log fi with 

ionlc strength and suggest the empirica! equation 

Jo<>: f 
i 

- r, . l ( 31) 

tn descrihe the relation between the actlvtty coefflclent of neutral 

!on-pairs and ionic stren,th. C coefficients of 0.63 • 0.10 for MgCO~ 
and 0.45 = 0.15 for CaSO~ were ohtained from lineair regressJon of Jog 

f; vaiu"s versus i between 0.04 and 0.6 mole.l-1. Thev propose that 

the actlvity coefficients of other di-divalent Jon-pairs (at 25'Cl can 

propahly he eRtimated with a C value of 0.5. For mono-monovalent 

neutral ion-pairs they suggest a C value of 0.125. 

WHTTFTELn (1979) has reviewed the procedures for estimating acti­

vity coefflcients of ion-pairs and mentioned a C value of 0.25 for 

singly char~ed ion-pairs (p. 215). Thls results in: 

log f i -0.25 I (32) 

MILLERO and SCHREISER (1982) selected values of the thermadynamie 

and stochlometrlc association constants for the formatJon of ion-pairs 

from literature, and indlcated that the activity coefficient at an 

Jonic strengthof 0.7 mole.l-1 is 1.1 for uni-univalent ion-pairs: 1.0 

for di-divalent ion-pairs: 0.64 for monovalent anion-pairs and 0.8 for 

monovalent cation ion-pairs. They concluded that these findings sup­

port the earlier workof GARRELS and THOMPSON (1962). However. these 
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findings are not in accordance wlth the observed data and the sugges­

ted formulas given by REARDON and LANGMUIR (1976) and WHITFIELD (1979). 

In order to calculate the activity coefficient of ion-pairs it is 

necessary to make use of one of the relations or procedures mentioned 

in the Jiterature. 

For neutral ion-pairs the formulas suggested by REARDON and 

LANGMUIR (1976) can be used. The formula for single charged ions as 

mentioned by WHITFIELD (1979) is propably a good choice. However it is 

not entirely clear how he achieved the value of 0.25 for coefficient C. 

In literature no relation or procedure was found to calculate acti­

vity coefficients of divalent ion-pairs such as AlH2Po~+ or AlNO~+ 

Table 7 gives a summary of the equations which can used for calcu­

lating activity coefficients of ion-pairs. 

Table 7. f 1-r relations for ion-pairs 

Type of ion-pair 

zero charged 

* uni-univalent 

* dl-divalent 

single charged 

* uni-dlvalent 

* di-univalent 

log fi = -0.125 I 

log f1 = -0.500 I 

log fi = -0.250 I 

A graphical representation of these formulas is given in fig. 9. 
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0 • 0-CHRRGED 10n-PRIRS ( 1-1) 
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3 5 8tb1 

Ft~. 9. Single actlvity coefftctent versus lonlc stren~th for zero and 

single charged Ion-pairs 

5. SUMMARY AND CO:\CLUSTONS 

- The best estimate of the activlty of an ion in soil salution is 

obtained hy use of the Debeye-Hückel theory (ADAMS. 1971: HELGESON 

et al. 1981). The limited Deheye-Hückel equation is valid for dilute 

solutions with ionic strengtbs up to 0.1 mole.l-1. The relation 

between actlvity coefficients and ionic strength in stronJ electro­

lytes (for instanee soil solutlons in semi-arid areas or coastal 

lowlands) can be described by the extended Debeye-Hückel equation 

(HiiCKEL, 1925: HELGESON et al, 1981). 

- r,. 1 

wherP.: Rand c ion dependent parameters 
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- ElectrochP.mica1 data (WALKER et al. 1927; ROBINSON and STOKES, 1959: 

HARNED and OWE~. 1967) have been used to calculate the activity coef­

ficients of individual !ons with the mean-salt method described by 

GARRELS and CHRIST (1965). In order to do this it has been assumed 

that the molality of the various electro1yte solutions equals mola­

rity, i.e. m=c. 

- Fot• vari011s (291 !ons these activit.y coefficJents have been used in 

a curvefitting procedure to obtaJn values for the Ion dependent con­

stants R and C of the extended Debeye-Hiickel equation. 

- These curvefltted eouatlons have been derived from single salt solu­

tlons in which ion-palring can be neglected (ADAMS, 1971: HELGESO~ 

et al. 1981). 

- In a real soil solution however. whlch Is in facta complex mixed 

electrolyte solution. ion-pair formation wil! be important and can 

not be neglected. 

- There are several approximations for estimating individual ion acti­

vity coefficients of ion-pairs (KIRKWOOD, 1939: RRARDON and 

!.ANGM!l!R, 1976: WHITFIEJ.D, 1979). The theoretica] Debeye-Hückel 

equation. however, is not suitable for descrihing the relation 

between activity coefficients of ion-pairs and lonic strength 

because it was origlnally formulated for completely dissociated 

electrolytes (DEBEYE and HÜCKEL. 1923: HÜCKEL. 1925: HAMER. 1968 

etc.). For neutral Ion-pairs the formulas suggested by REARDON and 

LA~GMUIR (1976) can be used. The formula for single charged ion­

pairs as mentioned by WHITFIRLD (1979) is probably a good choice. No 

relation or procedure was found to calculate activity coefficients 

of divalent Ion-pairs. 

- With these equations for ion-pairs a complete set of formulas descri­

hing the relations between the activlty coefficlents of !ons in the 

soli solut!on and the ionic strength Is available. 

- Uslng these formulas in hydrochemical studies wil! result in calcu­

lations that can be carried out more eas!ly and at the same time 

wiJl give higher accuracies. 

Use of the Davles equation wil! give deviations in the calculations 

of activlty coefficients above an ionic strengthof 0.01 mo!e.l-1. 

Above an Jonic strengthof 0.3 mo!e.J-1 the Davles equation is not 

suitable anymore to calculate activity coefficients of any of the 

ions involved in this study. 
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APPëNiliX 

-------
I f!:(KCl) 

(~aole.l-1) 
f,(ZnClzl f,(Zn2 •1 L(COijC) f~(I(;!HP04I L(HPÜ~--)- r,tKz5041 f.(S0~-1 f~-<KaP04I f.(P0~-1 t,(A!Cls) f.(AJ3+) 

0.001 0.965 
0.002 0.954 
0.005 0.930 
0.006 0.925 
0.010 0.904 0.667 
0.015 0.888 
0.020 0.872 0.589 
0.030 0.854 
0.040 0.836 0.503 
0.050 0.818 
0.060 0.808 0.453 
0.080 0.789 0.415 
0.100 0.770 0.389 
0.150 0.744 
0.200 0.718 0.309 
0.300 0.688 0.518 0.294 0.469 0.218 0.436 0.175 
0.400 0.666 0.246 
0.500 0.649 
0.600 0.637 0.465 0.248 0.216 0.387 0.143 0.356 0.111 0.312 0.037 0.320 0.041 
0.700 0.626 
0.800 0.618 0.198 
0.900 0.610 0.435 0.221 0.342 0.108 0.313 0.082 
1.000 0.604 0.183 
1.200 0.593 0.413 0.200 0.310 0.085 0.283 0.064 0.244 0.017 0.288 0.033 
1.400 0.586 
1.500 0.583 0.396 0.183 0.164 0.288 0.070 0.261 0.052 
1.600 0.580 
1.800 0.576 0.382 0.168 0.270 0.059 0.243 0.043 0.211 0.010 0.282 0.033 
2.000 0.573 0.154 
2.100 0.572 0.371 0.156 0.256 0.051 0.229 0.037 
2.400 0.570 0.359 0.143 0.243 0.044 0.190 0.007 0.287 0.037 
2.500 0.569 0.147 
2.700 0.569 0.350 0.133 0.234 0.039 
3.000 0.569 0.341 0.122 0.225 0.035 0.175 0.005 0.298 0.043 
3.500 0.572 
3.600 0.573 0.325 0.105 0.164 0.004 0.316 0.053 
4.000 0.577 
4.200 0.579 0.311 0.090 0.156 0.003 0.339 0.068 
4.500 0.583 



APPENUIX 

I f::t:(KCI l 
(aole.J-1) 

f::t:(BaC12) !.,.(-ea2•) f::t:(NiC12) r.INJ2"') f!(CoCl2l f,..(CoZ·) f:(CuCl2J f ... (Cu2·) f:!Pb(N03J2J f .. (Pb2"") f:(CrC12l f ... (cr2+) f:(CdC121 f.(CdZ.) 

0.001 0.965 
0.002 0.954 
0.005 0.930 
0.006 0.925 
0.010 0.904 
0.015 0.888 
0.020 0.872 
0.030 0.854 
0.040 0.836 
0.050 0.818 
0.060 0.808 
0.080 0.789 
0.100 0.770 
0.150 0.744 
0.200 0.718 
0.300 0.688 0.508 0.277 0.523 0.302 0.523 0.302 0.510 0.280 0.405 0.221 0.331 0.077 0.228 0.025 
0.400 0.666 
0.500 0.649 
0.600 0.637 0.450 0.225 0.479 0.271 0.479 0.271 0.457 0.235 0.316 0.176 0.298 0.065 0.164 0.011 
0.700 0.626 
0.800 0.618 
0.900 0.610 0.425 0.206 0.463 0.267 0.463 0.267 0.431 0.215 0.267 0.160 0.294 0.068 0.133 0.006 
1.000 0.604 
1.200 0.593 0.411 0.197 0.460 0.277 0.459 0.275 0.419 0.209 0.234 0.153 0.300 0.077 0.114 0.004 
1.400 0.586 
1.500 0.583 0.403 0.193 0.464 0.294 0.462 0.290 0.413 0.207 0.210 0.151 0.314 0.091 0.101 0.003 
1.600 0.580 
1.800 0.576 0.397 0.189 0.471 0.315 0.470 0.313 0.411 0.209 0.192 0.156 0.335 0.113 0.091 0.002 
2.000 0.573 
2.100 0.572 0.397 0.191 0.482 0.342 0.479 0.336 0.411 0.212 0.176 0.157 0.362 0.145 0.083 0.002 
2.400 0.570 0.397 0.193 0.496 0.376 0.492 0.367 0.412 0.215 0.164 0.166 0.397 0.193 0.077 0.002 
2.500 0.569 
2.700 0.569 0.397 0.193 0.515 0.422 0.511 0.412 0.415 0.221 0.154 0.177 0.436 0.256 0.071 0.001 
3.000 0.569 0.401 0.199 0.536 0.476 0.531 0.462 0.419 0.227 0.481 0.344 0.067 0.001 
3.500 0.572 
3.600 0.573 0.411 0.211 0.586 0.613 0.578 0.588 0.427 0.237 0.584 0.607 0.060 0.001 
4.000 0.577 
4.200 0.579 0.424 0.227 0.647 0.807 0.634 0.759 0.436 0.247 0.055 0.001 
4.500 0.583 



APPENOlX 

----·--
l f.IKCJ) f+(HCl) f.(H') f+(NaCl) f.(Na•) f+(NH4Cl) f,(NII41 f+(KOHI L(OH-) ft(KF) LIF-) f+(KBr) L(Br-) f+(Kl) L(I-) 

lmole.J-1) - - - - - - -

0.001 0.965 0.966 0.967 
0.002 0.954 0.952 0.950 0.954 0.954 
0.005 0.930 0.929 0.928 0.931 0.931 
0.006 0.925 
0.010 0.904 0.905 0.906 0.905 0.905 
0.015 0.888 
0.020 0.872 0.876 0.880 0.874 0.876 
0.030 0.854 
0.040 0.836 
0.050 0.818 0.830 0.842 0.823 0.828 
0.060 0.808 
0.080 0.789 
0.100 0.770 0.796 0.823 0.778 0.786 0.770 0.770 0.776 0.782 0.775 0.780 0.772 0.774 0.778 0.786 
0.150 0.744 
0.200 0.718 0.767 0.819 0.735 0.752 0.718 0.718 0.739 0.761 0.727 0.736 0.772 0.726 0.733 0.748 
0.300 0.688 0.756 0.831 0. 710 0.733 0.687 0.686 0.721 0.756 0.700 0.712 0.693 0.698 0.707 0.727 
0.400 0.666 0.755 0.856 0.693 0.721 0.665 0.664 0.713 0.763 0.682 0.698 0.673 0.680 0.689 0.713 
0.500 0.649 0.757 0.883 0.681 0.715 0.649 0.649 0.712 0.781 0.670 0.692 0.657 0.665 0.676 0.704 
0.600 0.637 0.763 0.914 0.673 0.711 0.636 0.635 0.712 0.796 0.661 0.686 0.646 0.655 0.667 0.698 
0.700 0.626 0.772 0.952 0.667 0.711 0.625 0.624 0.715 0.817 0.654 0.683 0.636 0.646 0.660 0.696 
0.800 0.618 0.783 0.992 0.662 0.709 0.617 0.616 0.721 0.841 0.650 0.684 0.629 0.640 0.654 0.692 
0.900 0.610 0.795 1.036 0.659 0.712 0.609 0.608 0.728 0.869 0.646 0.684 0.622 0.634 0.649 0.690 
1.000 0.604 0.809 1.084 0.657 0.715 0.603 0.602 0.735 0.894 0.645 0.689 0.617 0.630 0.645 0.689 
1.200 0.593 0.840 1.190 0.654 0.721 0.592 0.591 0.754 0.959 0.643 0.697 0.608 0.623 0.640 0.691 
1.400 0.586 0.876 1.310 0.655 0.732 0.584 0.582 0.778 1.033 0.644 0.708 0.602 0.618 0.637 0.692 
1.500 0.583 
1.600 0.580 0.916 1.447 0.657 0.744 0.578 0.576 0.804 1.115 0.647 0.722 0.598 0.617 0.636 0.697 
1.800 0.576 0.960 1.600 0.662 0.761 0.574 0.572 0.832 1.202 0.652 0.738 0.595 0.615 0.636 0.702 
2.000 0.573 1.009 1. 777 0.668 0.7.79 0.570 0.567 0.863 1.31)0 0.658 0.756 0.593 0.614 0.637 0.708 
2.100 0.572 
2.400 0.570 
2.500 0.569 1.147 2.312 0.688 0.832 0.564 0.559 0.947 1.576 0.678 0.808 0.593 0.618 0.644 0.729 
2.700 0.569 
3.000 0.569 1.316 3.044 0.714 0.896 0.561 0.553 1.051 1.941 0.705 0.874 0.595 0.622 0.652 0.747 
3.500 0.572 0.560 0.548 0.738 0.952 0.600 0.629 0.662 0.766 
3.600 0.573 
4.000 0.577 0.560 0.544 0.779 1.052 0.608 0.641 0.673 0.785 
4.200 0.579 
4.500 0.583 0.561 0.540 0.616 0.651 0.683 0.800 



APPENDIX 

----------· 
I 

1 
f+(KCl) 

(•ole.l- ) -
f_(HC02j) t 1 (KN03 ) L(N03l f±(KH2P01l L(H2PO:j) ft(MgCl2) f.(Mg-2•) ft(FeC1 2 ) f+(Fe2+) r 1 CCaCl2l r.cca2•l r 1 CMnC! 2 ) r.(Mn2'l 

0.001 0.965 
0.002 0.954 
0.005 0.930 
0.006 0.925 0.856 0.733 
0.010 0.904 
0.015 0.888 0.795 0.637 
0.020 0.872 0.876 
0.030 0.854 0.734 0.542 
0.040 0.836 0.843 
0.050 0.818 
0.060 0.808 0.821 0.667 0.454 
0.080 0.789 0.803 
0.100 0. 770 0.790 0.739 0.709 0.731 0.694 
0.150 0.744 0.579 0.351 
0.200 0.718 0.746 0.663 0.612 0.653 0.594 
0.300 0.688 0.614 0.548 0.602 0.527 0.528 0.311 0.520 0.297 0.318 0.294 0.518 0.294 
0.400 0.666 0.704 0.576 0.498 0.561 0.473 
0.500 0.649 0.545 0.458 0.529 0.431 
0.600 0.637 0.682 0.519 0.423 0.501 0.394 0.488 0.286 0.475 0.264 0.472 0.259 0.471 0.258 
0.700 0.626 0.496 0.393 0.477 0.363 
0.800 0.618 0.667 0.476 0.367 0.456 0.336 
0.900 0.610 0.459 0.345 0.438 0.314 0.476 0.290 0.456 0.255 0.455 0.253 0.452 0.248 
1.000 0.604 0.654 0.443 0.325 0.421 0.293 
1.200 0.593 0.414 0.289 0.393 0.260 0.474 0.303 0.450 0.259 0.448 0.256 0.444 0.249 
1.400 0.586 0.390 0.260 0.369 0.232 
1.500 0.583 0.636 0.480 0.325 0.452 0.272 0.448 0.265 0.442 0.254 
1.600 0.580 0.369 0.235 0.348 0.209 
1.800 0.576 0.350 0.213 0.332 0.191 0.490 0.355 0.456 0.286 0.453 0.280 0.445 0.266 
2.000 0.573 0.627 0.333 0.194 
2.100 0.572 0.505 0.393 0.465 0.307 0.460 0.297 0.450 0.278 
2.400 0.570 0.521 0.436 0.475 0.330 0.470 0.320 0.457 0.294 
2.500 0.569 0.619 0.297 0.155 
2.700 0.569 0.543 0.495 0.490 0.364 0.484 0.350 0.468 0.317 
3.000 0.569 0.269 0.127 0.569 0.569 0.508 0.405 0.500 0.386 0.481 0.344 
3.500 0.572 0.246 0.106 
3.600 0.573 0.630 0.762 0.549 0.504 0.539 0.477 0.509 0.402 
4.000 0.577 
4.500 0.583 0.708 1.057 0.598 0.637 0.587 0.603 0.544 0.480 


