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Electrical Conductivity

* |In metallic conductors, the electricity carriers are the free electrons
migrating through the 3D lattice of the metal. The formula below
describes Ohm's law (Q=0Ohm).

* The conductivity (k) of a conductor (e.g. metal wire) characterizes
its ability to conduct electricity.

e By definition it is inversely proportional to its resistivity.

Electric current(I)=—2198WY) _  ()its. T(Ampere), R(Ohm),U(Volts)
Resistance(R)
‘ L -
/ — Length 1
R — ﬂi R _Resistance K=— — aana‘ucﬁw’fy, units : Q.m™
l,ﬂ

A — cross — sec tional area

p —resistivity, units: Q.m



Conductivity of Electrolytes

Solutions of ionic salts (electrolytes) and some polar compounds
that can dissociate upon dissolution also conduct electricity.

In this case the electricity carriers are two types: cations (+) and
anions (-).

Examples of electrolytes: Aqueous solutions of
NaCl, K2504, NH4CI, HCl, KOH, CH3COOH

When a potential difference is applied across two electrodes
immersed in ionic solution the net motion of the ions is towards
one or other electrodes and electric current is conducted through
the solution.

In solution, the cations migrate towards a negatively charged
electrode and the anions move towards a positively charged
electrode.



Measuring Conductivity of Electrolytes

R
r — R, L
| SR

R, — resistance

of theelectrolyte

The conductivity of a solution is determined by measuring its electrical
resistance and the standard method is to incorporate a conductivity
cell into one arm of a Wheatstone bridge and to search for the balance
point (zero current). AC current is used to avoid electrolysis.



Measuring Conductivity of Electrolytes

How to determine x from R, ?

® Calculating the conductivity from the resistance of the
sample is unreliable because the current distribution is
complicated.

1/ C

K= . =5 "D C —cell constant

®In practice, the cell is calibrated using a solution of
known conductivity x* (typically an aqueous solution of
KCl). R* is the observed resistance

hence C=x R’

*Then if the measured sample has a resistance R, k=C/R




Example: The molar conductivity of 0.100M KCl(ag) at 298K
is 129 O em? moll. The measured resistance of the cell is
28.44 Q). When the same cell contained 0.050M NaOH (aq)
the resistance was 31.6 Q. Calculate the molar conductivity
of NaOH(aq) at that temperature and concentration.

Solution: Establish the cell constant using C=x*R*. Then use C
and R to find k of the test solution. For 0.100M KCl (aq):

kK =c,\, =0.100mo/.dm™ x129Q em’mo/™ =1.29x107°Q " 'em™

C=(1.29x107Q'em™) % (28.440Q) = 0.367cm™| cell const.

Hence for NaOH(aq) we have

x=C/R=(0.367cm™)/(31.6Q) = 0.0116Q " cm™|

. -1 -1
© _ O0L6Q cm = 23207 em*mol™

"~ ¢ 0.050mol dm™ 0

I




Conductivities of electrolyte solutions

 Conductance, G, of a solution = the inverse of its resistance:

G = 1/R in units of Q-1

« Since G decreases with length, /, we can write:

G=-—
¢

where kK = conductivity and A = cross-sectional area

« Conductivity depends on number of ions, so
molar conductivity = A, = k/c with ¢ in molarity units.



Molar Conductivity

The conductivity of a solution is due to contributions from both
cations and anions and depends on the number of ions present
(very sensitive to concentration).

Practically, we work with the molar conductivity Am, defined as:

A= ¢, —molar electrolyte concentration.

A_ is expressed in Ohm-! em? mol-!.

Note that electrolyte ions of different valency transport different
amount of electricity.

For example: in NaCl solution each ion carries out unit charge in
each direction, while in CuSO4, each ion transports 2 units of
charge in each direction.




Conductivity of Strong and Weak Electrolytes

* Measurement of the concentration dependence of the
molar conductivities shows that there are two classes of
electrolytes:

1. Strong electrolytes: Am depends slightly on the
electrolyte concentration, cm, (NaCl, K2SOa)

2. Weak electrolytes: Am is normal at low
concentrations but drops sharply when, ¢cm, is
increased (CH3COOH).




Conductivity of Strong and Weak Electrolytes
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Arrhenius Theory

Arrhenius proposed the now “classic theory of dissociation”:
When electrolytes are dissolved in solution, the solute exists in
the form of ions in the solution:

NaCl + H,0 - Na*+ Cl + H,0
HCl + H,0 - H;0* + CI
CH;COOH + H,0 ¢ CH,COO" + H,0*

The differentiated between strong and weak electrolytes by the
fraction of the molecules ionized: the degree of dissociation c.
The degree of dissociation, according to Arrhenius theory, does
not account for behavior of strong electrolyte.

A strong electrolytes is one that dissociated into ions to a high
degree and a weak electrolyte is one that dissociated into ions
to a low degree.



Arrhenius Theory

* The degree of dissociation can be determined from
conductance measurements.

* Equivalent conductance at infinite dilution A, was a
measure of the complete dissociation of the solute into
its ions, and that Am represented the number of solute
particles present as ions at concentration “cm”.

 Hence the fraction of solute molecules ionized, or the
degree of dissociation, can be expressed by the
equation, in which A, /A, is known as the conductance
ratio:

o=AAm;A\°m



Li*

Na*

Rb*

1. Strong Electrolytes

The decrease of conductivity of strong electrolytes with
concentration can be explained based on Coulomb’s law of
opposite charge attraction, ionic hydration and solvation,
ionic atmosphere formation and electrophoresis.

B e2+

Ca2+

M92+

Sr2+

lonic radius

Hydrated radius —

CO2  NH}

Zn2+ SO%‘

Cd2+

H92+

OH~

SH™

CI-

Br~

lonic atmospheres

0— O+

Cation Anion



Strong Electrolytes

* Electrophoresis is the movement of charged particles (or
large ions) under the influence of electric field.

* The above phenomena will synergistically drive towards
forming a non-ideal solution that retards and may impede
the transport of cations attracted by the cell anode and
anions attracted by the cell anode. This retardation is
associated by forming large charged particle of ionic and
water layers around the original single ion.

on-dipole
forces

counter-ion cloud




Example

* Calculate the limiting molar conductivity of BaCl, in water at 298 K.

BaCl2 = Ba++ + 2Cl- vy =1y =2

A, =12.72mSm’mol™, A_ =7.63mSm*mol ™

AP VA +V_A

=(12.72+2x7.63) mS m*mol ™
=27.98 mS m*mol™



Onsager Equation for Strong Electrolytes

Strong electrolytes are
substances that are fully
ionised in solution (ionic
solids, strong acids)

‘Amzﬂi—kﬁ;‘

L

/o

Kohlrausch law for strong electrolytes:

A2 - limiting molar conductivity (at infinite dilution)
¢, - molar concentration of electrolyte

I<’. coefficient depending on the nature of elecfruly#e
MA, or M,A, etc.



Low of Independent Migration of lons

* Kohlrausch also confirmed that A2m for any electrolyte can be expressed
as the sum of contributions from its individual ions:

Ad=vd tvid

m —

e v+ and v- are the numbers of cations and anions per formula unit of the
electrolyte

v+=v-=1 for NaCl, HC|, CuSO4
v+=1, v-=2 for MgCl2

e A+ and A- - limiting molar conductivities of the individual ions (Tabulated
for many ions, see nest slide).

* Implications: ions behave independently when the solution is infinitely
diluted, i.e. we can predict the conductivity of any strong electrolyte.



Low of Independent Migration of lons

Limiting ionic conductivities in water at 298K

Ton Q-cm?mol-!? Ton Q-1ecm?mol-!
H+ 349.6 OH - 199.1

Na+ 950.1 Cl- 76.4

K+ 73.5 Br- 78.1

Zn2+ 105.6 S042+ 160



Low of Independent Migration of lons

Example: Predict the limiting molar conductivities of the
aqueous solutions of LiBr and BaCl, at 298K.

Ion L/ Qlememolt
Li* 38.7

Br- 78.1

Ba2* 127 .2

Cl- 76.3

Solution:

for LiBr:

A’ =(127.2+2x76.3) Q'em"mol™ = 279.8Q cnrmol™




2. Weak Electrolytes

* Weak electrolytes are substances that are not fully ionized in
solution (weak acids and bases).

- Marked dependence of Am on cm due to the shifting of the
dissociation equilibrium upon dilution.

Y number of disscoiated MA 9 £ di o
= total number of MA - degree ofT dissociation

MA(ag) = M*(ag) + A (ag)

(1-a)c, «ac ac

M m

2

P (M (ag)l[A (ag)] _ ac,.ac, _ ',
[MAGag)]  (-a), 1-a

- dissociation
equilibrium constant

How to connect o with A, for weak electrolytes?



EXAMPLE

The A value of HAc solution at 25°C is 5.201x10*4

S:m?:mol?, what is the degree of dissociation o and the
equilibrium constant K_of HAc. (From Tables: A° =
0.039071 S.m2.mol-1 for HAc at infinite dilution)

Solution : *.» A°(mac.25°c) = 0.039071S - m* - mol

. ,—A/ —5201x10"* _
S0: « A 0 030071 —0-01331

« _Ca ~0.1000x(0.01331)?
“ 1-q 1-0.01331

=1.795x10°mol -dm™



Weak Electrolytes

o - A, This expression gives the connection
“A° between Am and o
> This expression gives the connection
a“c : L. ger .
¥ =2 m)l  of the dissociation equilibrium

l1-a constant K and o

If we eliminate o from this expression we obtain
042
(- o (An/A3)
"1-A, /A)
which can also be represented in linearised form

1 1 1 (A ) This is called
E =20 + Kl mCm Ostwald Dilution Law




Weak Electrolytes

Ostwald's Dilution Law

intercept =

1
.-‘('112?

slope =

¥

A cC,
From the slope and the intercept we can determine
the dissociation constant K of a weak electrolyte
and the limiting molar conductivity A_° of its ions:
A) =1/ intercept, K = intercept/ slope

50
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Weak electrolytes

T39°-5 HA(aq) + H,0(l) < H,O" (aq) + A (aq)
<—— 149.8
KCI (@)
K — aH3O+ aA_ _ [HO0"][AT]
a o [HA]
a‘HA
2
Am = K/C Ka — o C
e l-o
as C (mol/L) decreases (with dilution),
Am (S/cm2/mol) will increase

A, =alN.

CH,COOH (b)

| | | | |
0.02 0.04 0.06 0.08 0.10
c/(mol L)



Example

The molar conductivity of 0.0100 M CH,COOH (aq) is A= 1.65
mS.m2.mol-L. Calculate the degree of dissociation a and acid
dissociation constant Ka.

A = ocAOm A of CH,COO-

m
A% =34.96x1+4.09x1 /
= 39.05 mSm “mol

a=A, 1A% =0.0423

=@ _(00423)°x001

= . =1.9x107
l-a 1-0.0423




Weak Electrolytes

Example: The resistance of an 0.010 M CH,COOH (aq)
solution was measured to be 2220 Q. Find the dissociation
constant K,, the value of pK,, the degree of dissociation of
the acid and the pH of the solution. Assume the same cell

constant C=0.367 cm'L.

Ton 2/ OlemZmol-l
H* 3496
CH,COO- 409

Solution:  A° =(349.6 + 40.9)Q'em®*mo/™ = 390.5Q'em*mol™

A, =x/C =C/Rc, =165 Q'cm*mol™

a=A,/A° =165/390.5=0.0423 (4.23%)

_a’c, 0.0423%x0.010
1-¢  1-0.423
[H*]=ac, =0.0423x0.010 =4.23 <107 M, pH =—log[H*]=3.37 s

K

=1.9x10%, pK =-logk, = 4.72




Ion mobility

Qualitatively: Large ions in viscous liquids can be expected to be
drifting slowly and have low conductivities

= electric field strength

Quantitatively: drift velocity s =yt
W= ion mobility

Two forces are acting on the ion: Fﬁ = zek

t:- elementary charge

— GH??F number of ion charges

S’- drift velocity
&. ion radius Field Strength,

viscosity E:V.m-1

Stokes’ law F

retardation —

When the ion has reached its drift velocity, both forces are equal!

— ezE=06mnrs — s=

ionic conductivities: I

A=z, Fu, A_=z_Fu_
| A .

Nils Walters'Chem 260
Faraday constant



Measured ion mobilities

=> u is high for an ion that is:
* highly charged

* in a solution of low viscosity
* of small radius r




Hlustration

* The Cs* cations with z=1 and hydrodynamic radius (taken as the
ion radius plus the first hydration sphere) a=170 pm move in a
solution with viscosity of 1.0 cP (1.0x 10-3kg m1s).

* Estimate the mobility of the cation.

u =ze/6mna ~ 5x 108 m?Vv-1s1

e A 1.0V batteryis connected to the two terminals of the solution
across a length of 1 cm. Calculate the drift speed of Cs* cations.

The electric field E=1 V/0.01 m = 100 V/m

s=UE~5x10® ms-1=5 pums

The cation passes about 10000 solvent molecules per second.



Grotthuss mechanism for proton conduction

Proton hopping involves rearrangement of the
hydrogen bonds of a group of water molecules.


http://en.wikipedia.org/wiki/File:Proton_Zundel.gif
http://en.wikipedia.org/wiki/File:Proton_Zundel.gif

Transport Numbers of lons

* The transport number (or the migration number) is the fraction of
the total current carried by each ion present in solution:

t_1+_ A t_]__ I # _|/+/{+ t_:l/_/?._
T LAL 1 AL TP A A,
. +t_=1 P o
t. = fraction of t. = fraction of
charge carried by charge carried by
Transport numbers can also be cations. anions.

determined from the ionic mobilities.

P u, ;oo u. Since ionic Conductivity is
U +Uu U +u directly proportional to ionic
u, = cation u. = anion mObi“ty: ﬂ/ —_ ZUF
mobility. mobility.

Where Faraday constant:F =N e
=9.64853x10* Coulomb.mol™



Hittorf Method

number of cations discharged at cathode is discharge= _Lﬁt
z I
S . _ : : t IAL
migration of cations to cathode is migration= I
z

+

change cation conc. o oA IAt _ _
at cathode change=(t, 1)—z+F =—i —z+F gives anion transport no.




Hittorf Method

The most common method for
determination of transport
numbers of ions.

It is based on determination of
changes in the composition
(concentrations of ions) of an
electrolytic solution around its
cathode and anode.

number of cations discharged at cathode is

migration of cations to cathode is

change cation conc, 1) A
at cathode z F

Anode Cathode

Middle
compartment

Anode Cathode
compartment compartment
: TAL
discharge= ——
z. F
: : £ A
migration=
1AL

: F gives anion transport no.,



Activity Coefficients of lons

* The electrostatic interactions between ions, besides having an
important effect on the conductivities of solutions of strong

electrolytes, have an effect on the thermodynamic properties of
ions.

* This matter is most conveniently dealt with in terms of activity
coefficients, where several experimental methods are now available
for determining these activity coefficients.

Debye-Huckel Limiting Law

* There are various reasons why a solution shows deviations from
ideality and the matter is quite complicated.

* We are here concerned with a relatively simple reason for non-
ideality in an ionic solution, namely the electrostatic interactions
between ions, as interpreted by the Debye-Huckel theory.



Activity of ions is a quantity representing the
concentration of ions corrected for interionic interactions.

ai = yic ci

a, activity of the ion i
y activity coefficient ofioniatc (¥ < 1)
¢, concentration of ion i

Activity coefficients take values up to 1 (= no difference between
activity and concentration).

Only for ¢, <10 mol/l y.=1 and a=c,

Activity Coefficients of lons

c; is the concentration of the ion. Note that in this equation we have used kg,
the Boltzmann constant, instead of the gas constant R, since we are concerned with

single ions instead of a mole of 1ons.

To take into account deviations from ideality we write instead, for the Gibbs

energy,

The additional term kgT In v, is due to the presence of the ionic atmosphere; ¥ is

the activity coefficient.

Gf = G? + kBT].H C;Yi

= G?"‘ kBTIH C; + kBT In Yi



lonic Strength

The ionic strength 7 of a solution is defined as
1 2
= 2. ez (7.103)

where c; is the molar concentration of the ions of type i.'"' The ionic strength is pro-
portional to X; N,z5, and the reciprocal of the radius of the ionic atmosphere, «, is
thus proportional to VT (see Eq. 7.49). Equation 7.102 may thus be written as

logio vi = — %B\/i (7.104)

where B is a quantity that depends on properties such as € and 7. When water is the
solvent at 25°C, the value of B is 0.51 mol "% dm™>.

Experimentally we cannot measure the activity coefficient or indeed any ther-
modynamic property of a simple ion, since at least two types of ions must be
present in any solution. To circumvent this difficulty we define a mean activity co-
efficient . in terms of the individual values for y, and y_ by the relationship

v+t+trv—

Vi = yiyr (7.105)

where v, and v_ are the numbers of ions of the two kinds produced by the elec-
trolyte. For example, for ZnCl,, v. = 1 and v_ = 2. For a uni-univalent electrolyte
(v, = v_ = 1) the mean activity coefficient is the geometric mean (y+y-)"? of the
individual values. Table 7.5 shows the effect of differences in type of ions within a
compound on the mean activity coefficient as the concentration changes.



"For a uni-univalent electrolyte such as NaCl the ionic strength is equal to the molar concentration.
Thus for 1 M solutionc, = landc_ =1,z, =l and z_ = —1; hence

1 » 1
S S ed=—(1+1)=1M
chle 2( )

For a 1 M solution of a uni-bivalent electrolyte such as K,SO,, ¢ = 2,c_ = 1,z, = l,and z. = —2;
hence the ionic strength is %(2 X 1+ 1 X 4) =3 M. Similarly, for a 1 M solution of a uni-trivalent elec-
trolyte such as Nas;PQ,, the ionic strength 1s 6 M.

TABLE 7.5 Mean Activity Coefficients of Electrolytes
as a Function of Concentration

m/mol kg’ NaCl NaNO, Na,HPO,

0.001 0.965 0.965 0.887

0.002 0.952 0.951 0.848

0.005 0.928 0.926 0.780

. 0.010 0.903 0.900 0.717
lonic Strength and 0.2 0.872 0.866 0.644
. . . . 0.050 0.822 0.810 0.539
Activity Coefficients ., 077 075 0456
0.200 0.734 0.701 0.373

0.500 0.681 0.617 0.266

1.000 0.657 0.550 0.191

2.000 -~ 0.668 0.480 0.133

5.000 0.874 0.388 —




Activity Coefficients

In order to express v, in terms of the ionic strength we proceed as follows.
From Eq. 7.105

(v + v_)logi v+ = vy logio v+ + v-logo v- (7.106)
Insertion of the expression in Eq. 7.104 for log vy, and log y_ gives
(ve + v)logo ye = —(vazh + v_z2)BVI (7.107)
For electrical neutrality'?
veze =v_lz| or ¥i=17 (7.108)
and therefore
(vy + v_)log y: = — V% z%,(—vl- + VL)B\/I (7.109)
+ —
Thus
logio v = ~—=BVI = —z2,1_|BV] (7.110)
For aqueous solutions at 25°C,
- logip ¥ = —0.51z,Jz_|V¥/mol dm > (7.111)

Equation 7.111 is known as the Debye-Hiickel limiting law (DHLL).



log10%s

Activity Coefficients

Experimental curve,
and prediction
of Eq. 7:115

Prediction of
Eq. 7.114

Prediction of
Slope = Debye-Huckel
~Z,1Z_IB |imiting law (Eq. 7.111)

Vi

Debye-Huckel

Limiting Law

Z. = charge of cation; z. = charge of anion



lonic Equilibria

Activity Coefficients from Equilibrium
Constant Measurements

Equilibrium constant determinations can provide values of activity coefficients. The
procedure may be illustrated with reference to the dissociation of acetic acid,

CH,COOH = H* + CH,COO~

The practical equilibrium constant is

_ [H'][CH,COO™] v,y

K,
[CH,COOH ] Y.,

(7.116)

where v, and y_ are the activity coefficients of the ions and v, is that of the undis-
sociated acid. In reasonably dilute solution the undissociated acid will behave
ideally (y, = 1), but -y, and y_ may be significantly different from unity because
of the electrostatic interactions. Replacement of y,y_ by v4 and taking logarithms
of Eq. 7.116 leads to'*

[H"][CH;COO™ ]
[CH,COOH]

10810( ) = logio K° — 2 1logjo v+ (7.117)



lonic Equilibria

The left-hand side can be written as

ca® \*
10g10 o = 10g10 K°—2 logm Y+ (7118)

where c is the concentration and « is the degree of dissociation, which can be deter-
mined from conductivity measurements. (See Eq. 7.11.) Values of the left-hand side
of this equation can therefore be calculated for a variety of concentrations, and
these values are equal to 1og,o K° — 2 log;g Vs

If the Debye-Hiickel limiting law applies, log;o s 1s given by Eq. 7.111. If the
solution contains only acetic acid, the ionic strength /s given by

I = Y(ca)(1)* + (ca)(—1)’] = ca (7.119)



lonic Equilibria

&>
S
ol
oI
ﬁi DHLL slope =28
>
o

o :
o

i

FIGURE 7.23

A schematic plot against VI of
logiolca?(1 — «)]Y, where «, the
degree of dissociation, may be
obtained from conductivity mea-
surements.



Accuracy of the Debye-Huckel limiting law

Example: The mean activit&vcoefficient ina 0.100 mol kg~ MnCl,(aq)
solutionis 0.47 at 25°C. What is the percentage error in the value
predicted by the Debye-Huckel limiting law? 0

Solution: First, calculate the ionic strength o

> 015
[=2]

| = 5(22*0.1 + 12%(2*0.1)) = 0.3 L .

0,25

03

to calculate the mean activity coefficient. Tz e oo
log(y) = -[2"1]A*(0.3)"%
=-270.509"0.5477
=-0.2576
SO y=0.277

Error=(0.47-0.277)/0.47* 100%
=41%



Solubility Products

\UPAC: solubility product 4B ~ 4t + B~
AV [B

The product of the ion activities k= L4115

raised to appropriate powers of | 45]

an ionic solute in its saturated K= [A*][B]

solution expressed with due
reference to the dissociation
equilibria involved and the ions " "
present. Al £ &

Koy =[4"1[BT




Solubility Products

When we write solubility products (Section 4.4), we often ignore activity coeffi-
cients; the solubility products are expressed as products of concentrations instead
of activities. The solubility product for silver chloride should more accurately be

written as

(7.120)

where y, and y_ are the activity coefficients of Ag™ and C1~, respectively. The
product y,y_ is equal to 3, where 7, is the mean activity coefficient, and therefore

(7.121)

One matter of interest that can be understood in terms of this equation is the ef-
fect of inert electrolytes on solubilities. An inert electrolyte is one that does not
contain a common ion (Ag" or CI™ in this instance) and also does not contain any
ion that will complicate the situation by forming a precipitate with either the Ag*
or the Cl ions. In other words, the added inert electrolyte does not bring about a
chemical effect; its influence arises only because of its ionic strength.



Solubility Products

The influence of ionic strength I on the activity coefficient of an ion is given
according to the DHLL by the equation

10g1o ¥+ = —z4lz_IBVI (7.122)

Figure 7.22 shows that this equation satisfactorily accounts for the drop in 7, that
occurs at very low ionic strengths but that considerable deviations occur at higher
ones; the value of log,, v+ becomes positive (i.e., v, is greater than unity) at suffi-
ciently high values of /.

It follows as a result of this behavior that there are two qualitatively different
1onic-strength effects on solubilities, one arising at low I values when the vy, falls
with increasing I and the other being found when 7. increases with increasing 1.
Thus, at low ionic strengths the product [Ag™][C17] will increase with increasing I,
because the product [Ag+][Cl"]yi remains constant and vy, decreases. Under these
conditions, added salt increases solubility, and we speak of salting in.

At higher ionic strengths, however, vy, rises as I increases, and [Ag+][Cl_]
therefore diminishes. Thus there 1s a decrease in solubility, and we speak of salting
out. Of particular interest are the salting-in and salting-out effects found with pro-
tein molecules, a matter of considerable practical importance since proteins are
conveniently classified in terms of their solubility behavior.



Solubility Products

We saw earlier that measurements of equilibrium constants over a range of
ionic strengths allow activity coefficients to be obtained. The same can be done
with measurements of solubility. We will outline the method for a sparingly soluble
uni-univalent salt AB, for which the solubility equilibrium is

AB() = AT+ B~

The solubility product is

K, = aaras— = [A"][B lvi (7.123)
Thus |
logio(IATI[B™])* = logo K — 21ogj0 7 (7.124)
For a solution in which no common ions are present, the solubility is
| s=[A"]=[B] (7.125)
and therefore
logo(s*)* = log K2 — 210810 Vs (7.126)
logyo 8 = 5 logyo K¥ — 10g10 Vs (7.127)

3

Insofar as the DHLL is obeyed, a plot of log,, s against \/ I/mol dm ™3 will there-

fore be a straight line of slope B = 0.51 in water at 25°C.



Figure 7.24 shows the type of plot that 1s obtained in this way. At sufficiently
low ionic strengths the points lie on a line of slope B. Extrapolation to zero ionic

strength, where log,; v+ = 0, therefore gives % log,o K2, from which the true
thermodynamic solubility product K| is obtained. The value of log vy, is then given

by the difference between % logo K¢ and log,, s* at that ionic strength, as shown in
the figure.

logyo s¥

—log1o 7

Solubility |
=logyp 8¥ — 5 10G40 K's
Products = = K-—o.____ Voo

1
" 3 logyg K

Vi

FIGURE 7.24

A schematic plot of log,q 8"
against the square root of the
ionic strength, showing how K3
and vy, are obtained.



AgCi(s) —» Ag‘(aq) + Cl(aq) ..calculate [Ag+] or [CI]

Solubility of AgCI(s) in water at 25°C is 1.274 x 10° mol kg"'.
Calculate the solubility of AgCi(s) in 0.010 mol kg' Na,SO(aq).

In the presence of Na,SO, the solution is no longer ideal —» calculate activity coeff's
) %Zm,z.’ 4 %[(o.ozo)(m3 +(0.010)(-2)* ] = 0.030
|

1<0.05 = Use Debye-Hickel law

logy, =-Alz,z_|Ji
logy, = —(0.509)/(+1)(-2)v0.030 = -0.176
y. = 0.666

Calculate K, for the ideal soln and assume it be the same for the non-ideal soln
Ky = 855, 201 = For AgCl dissolving in H,0 assume y= 1 sincem =0

Kyp = (1.274x10%) = 1.623x10-'°

For | = 0.030 mol kg * Ignore Ag* and CI' in solution as conc's v. low
Kop = Bpg, 8cs = 7, My, 1. Mgy,
1.623x10"° = (0.666)* m?
m = 1.91x10* mol kg' = solubility



Solubility
Products
Example

EXAMPLE 7.6 The solubility product of BaSO, is 9.2 X 10~*! mol* dm™®.
Calculate the mean activity coefficient of the Ba®* and SO3™ ions in a solution
that is 0.05 M in KNO; and 0.05 M in KCl, assuming the Debye-Hiickel limiting
law to apply. What is the solubility of BaSO; in that solution, and in pure water?

‘Solution The ionic strength of the solution is

I=3(0.05 + 0.05 + 0.05 + 0.05) = 0.1 M

According to the DHLL, |
logio ¥+ = —2° X 0.51V0.1
= —0.645
v+ = 0.226
If the solubility in the solution is s,

K, = 5%y = 5 X (0.226)°
92 x 107" = 5* X 0.05126

Therefore
s=424 X 107°M

In pure water the activity coefficients are taken to be unity so that the solubility
product is simply the square of the solubility. The solubility in pure water is
therefore

1
9.2 X 107" mol? dm %= 9.6 X 10~° mol dm™*

We note that the solubility is higher in the salt solution than in water (“salting
in"), because the activity coefficients have been lowered.




