Objectives: solution, concentration units, energies of solution formationPRIVATE 

Concentration units:

molarity:
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mass percentage:
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mole fraction:
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3
the sum over j of nj is over all solutes + solvent

molality:



[image: image4.wmf]kg

 

in

 

 solvent

of

 

mass

moles

 

 solute

of

 

number

 

=

  

kg

mol

 

1

 

=

 

m

 

1

 

=

[m] 

 

 

m

n

 

=

 

m

solvent

solute


4
conversions are easy, if and only if the solutions are very dilute, so that the densities of 

solvent and solution are equal, dsolution = dsolvent.

Then and only then

from a L(H2O) = a kg(H2O) (density of water is about 1 g/mL = 1 kg/L)

follows: a L(solution) = a kg(water)

so for very dilute solutions molarity and molality can be simply converted, because only then 

molarity =  mol solute/L of solution = mol solute/kg water = molality

normality:
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and the equivalent mass = molar mass/number of equivalents

the definition of an equivalent and thus that of normality depends on the reaction to which 

it refers:

in case of acid-base reactions: the number of equivalents 

of an acid is the number of protons per formula unit of the acid

of a base is the number of OH- ions per formula unit of the base:

1 HCl ( 1 H+: 1 M HCl = 1 N HCl

1 NaOH ( 1 OH-: 1 M NaOH = 1 N NaOH

1 H2SO4 ( 2 H+: 1 M H2SO4 = 2 N H2SO4
1 Mg(OH)2 ( 2 OH-: 1 M Mg(OH)2 = 2 N Mg(OH)2
in case of redox reactions, the number of equivalents of the oxidizing or reducing reactant 

in the solution is equal to the number of electrons it can take or give up:

in acidic solution we know: MnO4- + 8 H+ + 5 e- ( Mn2+ + 4 H2O

where Mn is reduced from oxidation number +7 in MnO4- to +2 in Mn2+
thus 1 M KMnO4 = 5N KMnO4 solution.

Each L can take up 5 mol electrons, thus there are 5 equivalents in 1 L of the solution with 

respect to the above reduction.

Calculate the molarity, M, of a 1.74 m (molality) sucrose solution having a density of d = 

1.12 g/mL and given the molar mass of sucrose as 342 g/mol.
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6
Thus 1 kg solvent contains 595 g of sucrose

The density is 



[image: image7.wmf]V

g

 

1000

 

+

 

g

 

595

 

=

 

V

m

 

+

 

m

 

=

 

d

solution

solution

solvent

sucrose


7
The volume must be that of the complete solution, because the given density is that of the 

solution. So we can calculate the volume of solution, that contains 1000 g solvent:
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With the volume of the solution, containing 1 kg of solvent, and the number of moles of 

solute contained in there, we get the molarity:
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3 significant figures, just as the given density and molality.

Given, that 1.00 g C2H5OH (= 2.17 x 10-2 mol) in 100 g of H2O gives 101 mL of solution, 

calculate molarity, mass percentage and mole fraction with respect to ethanol, as well as 

molality of the solution.
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then
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and
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In a car battery we have typically a 3.75 M sulfuric acid solution, having a density of 

1.230 g/mL. What are m%, m, and N of the sulfuric acid solution?
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in 1 L of 3.75 M solution, we have 3.75 mol H2SO4
MMH2SO4 = (2 x 1.008 + 32.07 + 4 x 16.00) g/mol = 98.1 g/mol

Thus in 1 L solution, we have a mass of sulfuric acid of 

mH2SO4 = 3.75 mol x 98.1 g/mol = 368 g H2SO4 in 1 L solution.

Since 1 L solution is 1230 g, the mass of water in a liter is

mH2O = 1230 g - 368 g = 862 g of water in 1 L solution:
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and the molality is
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Since in acid/base reactions H2SO4 has 2 equivalents of H+ per formula unit, 

NH2SO4 = 2 x MH2SO4 = 2 x 3.75 N = 7.50 N

What is the molality of a 35.4 m% aqueous solution of phosphoric acid (MM = 98.00 

g/mol)?

A sample of 100 g solution (100 g, because of m% given) contains 35.4 g H3PO4 and 

64.6 g H2O.

Thus in 1 kg H2O we have
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18
and the number of moles H3PO4 in 1 kg H2O is
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Since in 1 kg H2O we have 5.59 mol H3PO4, the molality is 5.59 mol/kg = 5.59 m

Mixing of liquids:

The principle is like likes like: liquids with similar intermolecular forces mix best

non-polar liquids mix best with non-polar ones: benzene/CCl4
polar liquids mix best with polar ones: C2H5OH/H2O

no mixing of polar liquids with non-polar ones (immiscible): benzene/H2O

Energies of solution formation
The process of solution

NaCl(s) + H2O(l) ( Na+(aq) + Cl-(aq)

ΔHsoln
can be splitted into 3 separate processes which together yield the solution. Hess's law:

ΔHsoln = ΔH1 + ΔH2 + ΔH3.

These separate processes are

expansion of the solute:

NaCl(s) ( Na+(g) + Cl-(g)

ΔH1
expansion of the solvent:

H2O(l) ( H2O(g)

ΔH2
solute-solvent interactions:

Na+(g) + Cl-(g) + H2O(g) ( Na+(aq) + Cl-(aq)

ΔH3
Generally ΔH1 + ΔH2 > 0 (endothermic processes) and ΔH3 < 0 (exothermic process)

Thus

if |ΔH3| > ΔH1 + ΔH2, then ΔHsoln < 0 and the solution process is exothermic

or

if |ΔH3| < ΔH1 + ΔH2, then ΔHsoln > 0 and the solution process is endothermic:
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Consider

NaCl(s) ( Na+(g) + Cl-(g)

ΔH1 = +786 kJ/mol

This is the reverse of the lattice energy

and for the hydration process we have

H2O(l) + Na+(g) + Cl-(g) ( Na+(aq) + Cl-(aq), where

ΔHhyd = ΔH2 + ΔH3 = - 783 kJ/mol

Thus ΔHsoln = ΔH1 + ΔHhyd = +3 kJ/mol (endothermic)

So, why does NaCl readily dissolve in water, when the process is endothermic?

Reason: When the ions become mixed with water molecules, then the solution has less order 

in it than the NaCl crystal alone or H2O(l) alone.

This corresponds to saying that the solution has more entropy, S (measure of disorder), than 

the 2 separated materials together.

Nature simply likes low energy and high entropy (disorder).

Since for a spontaneous process it must be that ΔH - TΔS < 0, in case of a small, 

endothermic ΔH, the entropy term can over-power the enthalpy term as in case of many 

solution processes. G = H – TS is called the Gibbs energy.

Thus whenever we have a small enthalpy of solution, the entropy term can maybe over-power it and make the solution process spontaneous (not in all cases, but in general):

	PRIVATE 

solute
	
ΔH1
	
solvent
	
ΔH2
	
ΔH3
	
ΔHsoln
	
solution?

	polar
	large +
	polar
	large +
	large -
	small
	yes (S)

	non-polar
	small
	polar
	large +
	small
	large +
	no

	non-polar
	small
	non-polar
	small
	small
	small
	yes (S)

	polar
	large +
	non-polar
	small
	small
	large +
	no


polar solvent: expansion of the solvent, ΔH2 large and positive

polar solute: expansion of the solute, ΔH1 large and positive

polar solute/polar solvent: ΔH3 large and negative (large attractive solute-solvent interactions)

non-polar solute/polar solvent, non-polar solute/non-polar solvent, and polar solute/non-polar 

solvent: in all cases ΔH3 small, because no strong solute-solvent interactions

The entropy term will make the solution process spontaneous, whenever ΔHsoln is small, but 

the entropy term will not be strong enough, when ΔHsoln is large and positive

Objectives: effects of structure, T, and P on solubility, colligative properties: vapor pressure 

of solutions

Structure: e.g. vitamines

if vitamines are just long, non-polar hydrocarbon chains, then they get dissolved into the 

body fat (vitamines A, D, E, K)

if vitamines have many polar groups (-OH), then they get dissolved into the body water and 

are also excreted with it, which means that no overdoses occur (vitamines B and C)

P and T effects: we know that from large intermolecular forces a low vapor pressure follows

if the solution process is

exothermic, then ΔHsoln < 0 and a decrease in T will increase the solubility (heat can be 

given off better at lower T)

endothermic, then ΔHsoln > 0 and an increase in T will increase the solubility (heat is better 

supplied at higher T)

no exact predictions are possible, the matters must be decided by experiment: measure the 

solubility of salts at different temperatures.

see figure from the book: 

increase of solubility with increasing T means that the solution process is endothermic 

decrease of solubility with increasing T means that the solution process is exothermic 

Gases
general observation Cooling (decrease in T) increases the solubility of gases in liquids and

also an increase in pressure, P, increases the solubility of gases in liquids:

Henry's law for gas solubility in liquids: c = kP

c: concentration of gas that is dissolved, k: Henry's law constant, P partial pressure of the 

dissolved gas over the solution

Henry's law works very good e.g. for O2 or CO2 dissolved in water (for gases that do not 

dissociate when dissolved)

The law does not work e.g. for HCl, because when it dissolves in water 

HCl(g) ( H+(aq) + Cl-(aq) occurs and Henry's law does not work for gases that 

dissociate when dissolved

Henry's law works equally well in two forms:

PRIVATE 

 c = k P

c: concentration of gas in the solution in mol/L

P: pressure of the dissolved gas over the solution

k: Henry's law constant in units mol/(L atm)

but it can be also the form

 P = k' c

k' = 1/k, here Henry's law constant has the units (L atm)/mol

If the volume, V(gas), of gas dissolved is given, then its number of moles in the solution is

 n = (P/(RT)) V(gas) (ideal gas law)

With the volume of solution, V(soln), the concentration is

 c = n/V(soln) = [P/(RT)] V(gas)/V(soln)

the units of the volumes don't matter, they can be in L, called „volumes“ or even be called 

„potatoe“, provided that the 2 units for volume are the same.

Having c and P, k' = P/c or k = c/P, provided what units are asked

Example: soda (CO2) water: kCO2 = 0.031 mol/(L atm) for water as solvent

In a closed soda bottle, the CO2 pressure over the liquid is PCO2 = 5.0 atm

then Henry's law tells how much (concentration in the liquid) soda is dissolved:

cCO2 = kCO2PCO2 = 0.16 mol/L

When the bottle is opened then the partial atmospheric CO2 pressure (4.0 x 10-4 atm) must 

be used in the law to get the CO2 solubility: cCO2 = 1.2 x 10-5 mol/L

Thus after the bottle is opened, CO2 bubbles out of the solution because of the sudden partial 

pressure reduction and soda water loses CO2 in time

Colligative properties
These are properties of solutions of non-volatile solutes that depend only on the number of 

dissolved particles in the solution not on what particles there are.

A substance is called volatile when it has a high vapor pressure, Pvap
Such colligative properties are:

vapor pressure lowering of solutions

boiling point elevation of solutions

freezing point depression of solutions

osmotic pressure of solutions

Vapor pressure lowering
Raoult's law (works also for volatile solutes):

Psolvent = xsolvent Posolvent at T = const.

Psolvent is the vapor pressure of the solvent over the solution

Posolvent is the vapor pressure of the solvent over the pure solvent

xsolvent is the mole fraction of the solvent in the solution

Unlike the later discussed laws for the other colligative properties, this one can also be used 

for mixtures of volatile components, however, a colligative property it is only for non-

volatile solutes

Since any mole fraction, thus also xsolvent < 1 (always), the vapor pressure of the pure solvent 

is always larger than the vapor pressure of the solvent over a solution:

Posolvent > Psolvent
In a solution the solute particles in the solution simply block the way for solvent particles to 

come into the gas phase.

For this it is not important what exactly the solute is, because any particle can block the way 

for solvent molecules into the gas phase.

[image: image21.wmf]
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In case of a binary solution, 1 solute + 1 solvent, we have

xsolvent = 1 - xsolute
The vapor pressure lowering, ΔP, is defined as ΔP = Posolvent - Psolvent and thus

ΔP = Posolvent - Psolvent
   = Posolvent - xsolvent Posolvent
   = (1 - xsolvent) Posolvent
   = xsolute Posolvent
In the figure from the book we have an aqueous solution with a low vapor pressure of water 

isolated together with pure water, that has a higher vapor pressure:

Water is evaporated from the pure water to obtain its high equilibrium vapor pressure.

This high equilibrium vapor pressure of pure water is too high for the solution to be in 

equilibrium.

Thus to obtain equilibrium the solution sucks in water from the vapor.

Now the vapor pressure is too low for the pure water to be in equilibrium and thus it 

evaporates more water.

And so on and on until all liquid water has gone into the solution through the gas phase.

However, that might need some days or even weeks.

What is the vapor pressure lowering, ΔP, over an x = 0.01 solution of CaCl2 in H2O when 

the vapor pressure of pure water is 23.76 torr?

Here we have an ionic solute that dissociates when dissolved in water:

CaCl2 ( Ca2+(aq) + 2 Cl-(aq)

Thus we get 3 ions = 3 particles per formula unit CaCl2
The number of particles per formula unit is called the van't Hoff factor i and here it is 

therefore 3

When the mole fraction of CaCl2 is x, then the mole fraction of particles in solution is ix,

in this case 3x = 0.03 (i has to be in the nominator of xsolute, insolute, but can be neglected in the denominator, nsolute + nsolvent, because if the solution is dilute then nsolvent >> nsolute )

The vapor pressure lowering, for which only the number of particles is important, not what 

kind are the dissolved particles is thus according to Raoult's law:

ΔP = i x Po where x is the mole fraction of the electrolyte itself and i the number of 

particles per formula unit after dissociation.

Thus in the case of our CaCl2 solution

ΔP = 3 xCaCl2 PoH2O = 3 x 0.01 x 23.76 torr = 0.71 torr

Note: x denotes sometimes mole fraction, sometimes multiplication as in the last line

Mixtures of volatile liquids
An ideal solution follows by definition Raoult's law exactly.

An ideal solution we have when the solvent-solute interactions are about the same as the solute-

solute and the solvent-solvent interactions, so in an ideal solution ΔHsoln = 0.

This is the case when in the solution we have only the same solute-solute and solvent-solvent 

interactions as we have also in the pure solvent and in the pure solute (both liquids)

then Raoult's law is exactly true for both components A and B (Pt is the total vapor pressure, 

the sum of the vapor pressures of A and B).

at constant outside pressure:
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Thus the total vapor pressure, Pt is:
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Thus a plot for an ideal solution like a benzene/toluene mixture looks like:

[image: image24.wmf]
3
benzene and toluene are

[image: image25.wmf]
4
very similar molecules, both non-polar. Thus we have ΔHsoln approximately equal to 0 and 

thus an almost ideal solution

because there are no strong forces between the molecules, only weak dispersion forces.

Non-ideal solutions
Such solutions do not follow Raoult's law exactly but between the measured vapor pressures 

and those from Raoult's law are differences (deviations).

The acetone/water mixture shows negative deviations from Raoult's law, i.e. all measured 

vapor pressures (curved lines) are smaller than those obtained from Raoult's law (straight 

lines):

[image: image26.wmf]
5
The two liquids are both polar, and thus they like to be mixed with each other

they even can form hydrogen bonds between solute and solvent:

Since they are both polar, there are strong intermolecular forces in this solution. The 

molecules hold themselves and each other back in the solution which lowers all vapor 

pressures, as compared to Raoult's law, considerably.

ΔHsoln < 0 for negative deviations from Raoult's law.

[image: image27.wmf]
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The ethanol/benzene mixture shows positive deviations from Raoult's law, i.e. all measured 

vapor pressures (curved lines) are larger than those obtained from Raoult's law (straight 

lines):
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The two liquids do not like to be mixed with each other, because there are different types of 

intermolecular forces in solvent and solute:

C2H5OH: hydrogen bonds, polar forces, weak dispersion forces

C6H6: only relatively strong dispersion forces: ΔHsoln > 0

The molecules behave like pushing each other out of the solution which gives larger vapor 

pressures than Raoult's law would imply.

[image: image29.wmf]
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There are no strong interactions between these molecules.

Since usually the mole fractions in the vapor are different from those in the liquid, one can 

use distillation to separate liquids from each other (not all types, but quite a few)

Objectives: boiling point elevation and freezing point depression

Both, boiling point elevation, ΔTb, and freezing point depression, ΔTf, of a solution as 

compared to the pure solvent are caused by the vapor pressure lowering of solutions

They are both colligative properties and thus depend only on the number of dissolved 

particles and not on their nature.

They are defined such that both ΔTb and ΔTf are positive quantities, i.e. higher minus lower 

temperature.

The boiling point of a solution is elevated, thus the solution has a higher boiling point, Tb, 

than the pure solvent, Tbo:

ΔTb = Tb - Tbo > 0

The freezing point of a solution is depressed, thus the solution has a lower freezing point, Tf,

than the pure solvent, Tfo:

ΔTf = Tfo - Tf > 0

The connection with vapor pressure lowering is, that the boiling points of solution and 

solvent are, where vapor pressures of solution and solvent are equal to 1 atm, the 

atmospheric pressure,

and that the freezing points of solution and solvent are, where vapor pressures of solution 

and solvent are equal to the vapor pressure of the pure solid.

Remember: when s and l are together, then the one with the lower Pvap is the stable one

all our statements and equations are correct only, when both the solution and the pure solvent 

freeze to pure solid solvent (like when aqueous solutions freeze, then the salt stays out of the 

solid, which is pure ice).

[image: image30.wmf]
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10
As long as Pvap(soln) < Pvap(ice) no freezing occurs

When the solute is not present in the solid, only in the liquid solution and when the solute 

is non-volatile, then the boiling point elevation is:

ΔTb = Tb - Tbo = kb(solvent) m(solute) (m is the molality of the solute in the solution)

kb is called the molal boiling point elevation constant of the solvent and is the same as long 

as the solvent is the same (independent of the solute).

When the solute is not present in the solid, only in the liquid solution and when the solute 

is non-volatile, then the freezing point depression is:

ΔTf = Tfo - Tf = kf(solvent) m(solute) (m is the molality of the solute in the solution)

kf is called the molal freezing point depression constant of the solvent and is the same as long 

as the solvent is the same (independent of the solute).

A solution of 18.00 g of glucose (sugar) in 150.0 g of H2O shows a boiling point of Tb = 

100.34 oC. What is the molar mass, MM, of glucose, when kb(H2O) = 0.51 oC kg/mol (kg 

of water) ?

glucose is dissolved in form of molecules in water, so we can neglect the van't Hoff factor 

(i = 1 here). Thus ΔTb = kb(water) m 

m denotes the molality, unit 1 m = 1 mol (solute)/kg (solvent)

ΔTb = Tb(solution) - Tb(water) = (100.34 - 100.00) oC = 0.34 oC

in the unit of kb we have kg/mol which is the same as 1/m = 1/molality

Thus the molality of the solution is 

m = ΔTb/kb = (0.34 oC)/(0.51 oC/m) where 1/m stands for kg/mol

= 0.67 m (mol solute/kg solvent)

Thus with n being the number of moles of solute in our solution, we get

m = 0.67 (mol solute)/(kg solvent) = n/(0.1500 kg water)

Then

n = 0.67 (mol/kg) x 0.1500 kg = 0.10 mol (solute)

Thus in 18.00 g of glucose, there are 0.10 mol of glucose:

MM = (18.00 g)/(0.10 mol) = 180 g/mol

A famous antifreeze is ethylene glycol with a molar mass of MM = 62.1 g/mol:

[image: image31.wmf]
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What mass of ethylene glycol must be added to 10.0 L of water to get a solution that freezes 

at -10 oF (-23.3 oC), the density of water being exactly 1 g/mL, and its molal freezing point 

depression constant kf(water) = 1.86 oC/m.

ΔTf = 0 oC - (-23.3 oC) = 23.3 oC

From the required ΔTf value and kf of water, we can calculate the necessary molality of the 

solution:

ΔTf = kf m and thus 

m = ΔTf/kf = (23.3 oC)/(1.86 oC/m) = 12.5 m

Thus 12.5 mol of ethylene glycol must be added to each kg of water

10.0 L water are corresponding to 10.0 kg of water and thus 125 mol ethylene glycol must 

be added to that. Thus the needed mass of ethylene glycol is

125 mol x 62.1 g/mol = 7760 g = 7.76 kg of ethylene glycole must be added to 10.0 L of 

water to get a solution that freezes at -23.3 oC.

A sample of a hormone, weighing 0.546 g, was dissolved in 15.0 g benzene. The freezing 

point depression ΔTf was 0.240 oC and the molal freezing point depression constant of 

benzene is kf = 5.12 oC/m. Calculate the molar mass, MM, of the hormone assuming that 

it does not dissociate when dissolved.

Colligative properties are a very good method to determine molar masses of large biological 

molecules (a hormone is a biological catalyst), because it is difficult to obtain pure solutions 

of biological samples in the high concentrations needed for other methods (large MM).

The molality is obtained from ΔTf and kf:

m = ΔTf/kf = (0.240 oC)/(5.12 oC/m) = 0.0469 m

The mass of the solvent is given, so from the molality we get the number of moles of the 

solute, n:

n = 0.0469 mol/kg x 0.015 kg = 7.04 x 10-4 mol

So 0.546 g hormone are 7.04 x 10-4 mol and thus the molar mass is

MM = (0.546 g)/(7.04 x 10-4 mol) = 776 g/mol

Calculate the boiling and the freezing point of a solution containing 478 g of ethylene glycol 

in 3202 g of water (water: kf = 1.86 oC/m, kb = 0.52 oC/m).

molar mass of ethylene glycol: 

MM = (2 x 12.01 + 2 x 16.00 + 6 x 1.008) g/mol = 62.1 g/mol

The number of moles, n, of ethylene glycol in our solution is thus:

n = (478 g)/(62.1 g/mol) = 7.70 mol

In the solution we have 3202 g = 3.202 kg of water and thus the molality is:

m = (7.70 mol)/(3.202 kg) = 2.40 m

So from

ΔTf = Tfo - Tf = kf m 

and

ΔTb = Tb - Tbo = kb m

we get ΔTb = 1.2 oC and Tb = ΔTb + Tbo = (1.2 + 100.0) oC = 101.2 oC

and ΔTf = 4.46oC and Tf = Tfo - ΔTf = (0.00 - 4.46) oC = -4.46oC

The easiest cases are non-electrolyte and strong electrolyte solutions, because non-electrolyte 

solutions contain only molecules and strong electrolyte solutions contain only ions.

The van't Hoff factor, i, is the number of dissolved particles per formula unit or molecule 

of the compound.

For strong electrolytes, i is the number of ions that make up a formula unit of the 

electrolyte, and the concentration of particles we need in our equations is im, when m is the 

concentration of the electrolyte.

In non-electrolytes, i = 1 and the particle concentration in a solution is just m.

Difficult are weak electrolyte solutions which contain undissociated molecules and ions from 

the dissociated ones. To do calculations on colligative properties for weak electrolytes you 

need to know also the fraction of undissociated molecules, α..

Molality of undissociated molecules: αm

Molality of  ions in solution: i(1 – α)m

Particle  molality: m(particle) = αm + i(1 – α)m

Which of the following aqueous solutions has the highest boiling point: 0.2 m NaCl, 0.1 m 

BaCl2, 0.1 m Fe2(SO4)3, 0.2 m Fe3(PO4)2, or 0.1 m sugar?

Asked like that we have to know that sugar is a non-electrolyte, having i = 1, and to assume 

that all the electrolytes are strong electrolytes.

Since the solvent is the same in all examples, that with the largest particle concentration has 

the highest boiling point.

0.2 m NaCl: NaCl(s) ( Na+(aq) + Cl-(aq);    i = 2

Thus the particle concentration m is m = 2 x 0.2 m = 0.4 m

0.1 m BaCl2: BaCl2 ( Ba2+(aq) + 2 Cl-(aq);     i = 3

Thus the particle concentration m is m = 3 x 0.1 m = 0.3 m

0.1 m Fe2(SO4)3: electroneutrality requires Fe3+, since we have SO42-:

Fe2(SO4)3 ( 2 Fe3+(aq) + 3 SO42-;     i = 5

Thus the particle concentration m is m = 5 x 0.1 m = 0.5 m

0.2 m Fe3(PO4)2: electroneutrality requires Fe2+, since we have PO43-:

Fe3(PO4)2 ( 3 Fe2+(aq) + 2 PO43-;     i = 5

Thus the particle concentration m is m = 5 x 0.2 m = 1.0 m

0.1 m sugar: non-electrolyte:

sugar(s) ( sugar(aq);    i = 1

Thus the particle concentration m is m = 0.1 m

Tb(H2O) <       Tb(0.1 m sugar) < Tb(0.1 m BaCl2) < Tb(0.2 m NaCl) 

0 m particles    0.1 m particles       0.3 m particles       0.4 m particles

< Tb(0.1 m Fe2(SO4)3) < Tb(0.2 m Fe3(PO4)2)

     0.5 m particles            1.0 m particles

Objectives: Osmotic pressure, molar weight, van't Hoff factor, colloids

Note: Section 11.8 on colloids is reading assignment

Osmotic pressure, another colligative property of solutions occurs when a solution is 

separated either from the pure solvent or from a solution of lower concentration by a 

membrane through which only solvent molecules can move (semipermeable membrane).

Then solvent molecules would pass through the membrane to dilute the higher concentration 

solution so that the concentrations on both sides come closer to each other.

Since this increases the volume of the solution, it creates a solution column, and thus has the 

same effect as a pressure on one side of a U-tube, hence osmotic pressure:

[image: image32.wmf]
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The osmotic pressure is usually written as Π and in this case equal to the height h of the 

solution column: osmotic pressure, measured in this way is in units of mm solution, not 

mmHg or Torr.

Osmotic pressure can also be measured with a U tube:

[image: image33.wmf]
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The osmotic pressure Π = hsoln can also be converted into mmHg or torr with the ratio of the 

densities of the solution, dsoln, and of mercury, dHg:

hHg = (dsoln/dHg) hsoln (mmHg/mm soln) = Π (mmHg or torr)

If the solution is dilute enough, that the densities of pure water and that of the solution are 

about the same, then:

hHg = (dH2O/dHg) hsoln (mmHg/mm soln) = Π (mmHg or torr)

For a solution having molarity M in contact with pure water via a semipermeable membrane, 

the osmotic pressure is

Π = MRT

it results in atm, when R is used in units of (L atm)/(K mol) or in Pa when R is used in 

units of J/(K mol). 

T must be always in K.

Two solutions that have the same osmotic pressure are called isotonic solutions:

A 0.158 M NaCl solution has an osmotic pressure of Π = 7.70 atm, which is the same

osmotic pressure as that of blood. Thus a 0.158 M NaCl solution is isotonic with blood.

A solution that has a higher Π than blood is called a hypertonic solution to blood.

A solution that has a lower Π than blood is called a hypotonic solution to blood.

In dialysis, used to clean blood from waste molecules, also membranes are used, which are 

permeable for the waste molecules, while the dialysis solution is mixed such that it has the 

same water and salt content as blood (it is isotonic to blood).

Then only waste molecules would pass the membrane from the blood to the dialysis solution, 

because the waste concentration is extremely small there:

[image: image34.wmf]
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What is Π of a 0.884 M solution at 16 oC (note, that Π is a colligative property so it does not 

matter what solute the solution contains, as long as it does not dissociate)? How high can the 

column be, if this solution has the same density as water?

Π = MRT = 0.884 (mol/L) x 0.0821 (L atm)/(K mol) x 289 K

= 21.0 atm

1 atm = 760 torr = 760 mmHg

hsoln = (dHg/dH2O) x hHg  x (mm soln/mmHg) x 760 mmHg/atm x Π (atm)

= (13.6 (g/mL)/1.0 (g/mL)) (mm soln/mmHg) x 760 mmHg/atm x Π(atm)

= 10300 mm soln/atm x Π(atm) = 10.3 m soln/atm x Π (atm)

The units of hHg and hsoln are actually both mm, but to avoid misunderstandings about what is 

meant, I use here mm soln and mmHg as in pressure units.

At an osmotic pressure of 21.0 atm the height of the solution column is thus

hsoln = 21.0 atm x 10.3 m soln/atm = 216 m soln

Thus the solution column would be 216 m high, and would be a good skyscraper.

Determination of molar weight from colligative properties
A 202 mL solution of a polymer in benzene, containing 2.47 g of an organic polymer, has 

Π = 8.63 torr at 23 oC. What is the molar mass, MM, of the polymer?

From Π = MRT follows M = Π/RT

Thus
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(Π = 8.63 torr = 1.14 x 10-2 atm)

With n being the number of moles of the polymer and V the volume of solution, we get:

M = n/V and thus

n = M V = 4.70 x 10 -4 (mol/L) x 0.202 L 

= 9.50 x 10-5 mol

and n = m/MM, m being the mass (not molality) of the polymer, which is given:

MM = m/n = (2.47 g) / (9.50 x 10-5 mol) = 2.60 x 104 g/mol

= 26.0 kg/mol

van't Hoff factor in electrolyte solutions
the van't Hoff factor i is the number of dissolved particles (ions) per formula unit of the 

electrolyte

Then for electrolyte solutions:

ΔP = i xsolute Posolvent

vapor pressure lowering of solutions

ΔTb = Tb - Tbo = i kb(solvent) msolute
boiling point elevation of solutions

ΔTf = Tfo - Tf = i kf(solvent) msolute

freezing point depression of solutions

Π = i M RT
osmotic pressure of solutions

here m denotes molality, not mass

What is i of a strong electrolyte solution, for example of K3PO4?

A strong electrolyte is completely dissociated, and thus

K3PO4(s) ( 3 K+(aq) + PO43-(aq)

Thus 1 formula unit when it dissolves gives 4 dissolved ions, and thus i = 4.

The freezing point depression of a 0.100 m MgSO4 solution in water is 0.225 oC. Calculate 

the van't Hoff factor for this weak electrolyte.

if MgSO4 would be a strong electrolyte, then i should be equal to 2. But:

ΔTf = i kf m, and thus i = ΔTf/(kf m)

for water kf = 1.86 oC/m:

i = 0.225 oC / (1.86 (oC/m) x 0.100 m) = 1.21

This is much smaller than the value of 2, if MgSO4 would be strong electrolyte.

Thus MgSO4 is actually weak and many of the ions stay together in solution as pairs and 

move together like they are a molecule (happens in highly charged electrolytes).

Calculate the vapor pressure of a 0.200 m aqueous solution of K2SO4, when that of pure 

water is PoH2O = 22.76 torr.

Since nothing else is told, we must assume that here we have a strong electrolyte:

K2SO4(s) ( 2 K+(aq) + SO42-(aq)
i = 3

0.200 m means that there are 0.2 mol K2SO4 in 1 kg of water. The molar mass of water is 

18 g/mol, and thus we have nH2O = (1000 g)/(18 g/mol) = 55.56 mol and thus
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ΔP = i xsolute PoH2O = 3 x 3.587 x 10-3 x 22.76 torr = 0.245 torr

ΔP = PoH2O - Psoln and thus

Psoln = PoH2O - ΔP = (22.76 - 0.245) torr = 22.52 torr

Find the extrema of colligative properties for the given solutions: 0.1 m NaCl, 0.1 m CaCl2, 

0.1 m Al2(SO4)3, 0.07 m Al2(SO4)3, and 0.1 m sugar

Since nothing else is told, we MUST know that sugar dissolves as molecules and does not 

dissociate (i = 1), and for the electrolytes we must assume that they are strong electrolytes 

(complete dissociation into ions in solution).

	PRIVATE 

system
	
van't Hoff factor i
	
particle concentration
	
properties

	
	
	
	

	
pure water
	
-
	
-
	highest Pvap
highest Tm
lowest Tb
lowest Π

	
0.1 m NaCl
	
2
	
0.2 m
	

	
0.1 m CaCl2
	
3
	
0.3 m
	

	
0.1 m Al2(SO4)3
	
5
	
0.5 m
	lowest Pvap
lowest Tm
highest Tb
highest Π

	
0.07 m Al2(SO4)3
	
5
	
0.35 m
	

	
0.1 m sugar
	
1
	
0.1 m
	among the solutions (apart from pure water):

highest Pvap
highest Tm
lowest Tb
lowest Π


If only formulas are given, then that substance with the most ions e.g. lowers Tm most

The osmotic pressure of a 0.10 M aqueous Fe(NH4)2(SO4)2 at 25 oC is 10.8 atm. What is the 

experimental value of i, iexp?

If iron (II) ammonium sulfate would be a strong electrolyte, then the theoretical value of i, 

itheor, would be 

Fe(NH4)2(SO4)2(s) ( Fe2+(aq) + 2 NH4+(aq) +  2 SO42-(aq)   itheor = 5

experiment: Π = iexp MRT or iexp = Π/(MRT)
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What happens is, like in case of MgSO4 above, ion pairing: some of the ions pair together 

and move together in the solution like if they are just 1 particle.

Reverse osmosisPRIVATE 

When a pressure P > Π is applied to the solution side of a semi-permeable membrane, then 

solvent is forced through the membrane.

The membrane acts as a molecular sieve, letting only solvent but no dissolved salts go 

through it.

Application: desalination of sea water

But in many cases rather high pressures are needed for this and also many  membranes (specially 

cheap ones) are not completely tight for salts at high pressures

Colloids (reading assignment)
Mud suspended in water by stirring. Most of it precipitates out, but very small mud particles 

stay suspended in the liquid.

In a suspension the particles are large enough, that they can scatter light into all directions:

Thus the trace of a light beam can be seen from the side: Tyndall effect

In a true solution the dissolved ions or molecules are too small to scatter light, and thus no 

Tyndall effect can be seen when light passes through a true solution.

Colloids are basically suspensions.

[image: image38.wmf]
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Colloids are actually neutral, but their particles are positively charged from stripping off 

electrons from them because of friction when they touch each other and mostly by stirring.

One can observe colloid particles moving in an electrical field.

Their positive charge keeps them apart from each other, so that they cannot bind together 

and precipitate (coagulation)

However, colloids coagulate when they are heated: when heated the particles move faster, 

can collide and then coagulate.

Also when electrolytes are added colloids coagulate because the ions neutralize the charges.

Also in air colloids can be found: charged soot particles suspended in air (smoke)

Also air purifiers work by neutralizating the charge shelter around the soot particles with 

electric fields.
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