3 CHEMICAL THERMODYNAMICS

3.1 Definitions: (From Smith, 1982, and Anderson and Crerar, 1994)

1. Thermodynamics Energy differences and transfers between systems.

2. Systems
* Isolated system!have walls or boundaries that are rigid, do not permit transfer

of mechanical energy, perfectly insulating, and impermeable. The have a
constant energy and mass content.

* Adiabatic systemsPerfectly insulated systems.

» Closed systemshave walls that allow transfer of energy in or out of the system
but are impervious to matter. They contain a fixed mass and composition, but
variable energy.

* Open Systemshave walls that allow transfer of both energy and matter to and
from the system.

» Simple SystemsContain no interior walls.

» Composite systemTwo or more simple systems, and thus contain internal walls.

3. Equilibrium :

* “A system at equilibrium has none of its properties changing with time”. A
system at equilibrium will return to that state after being disturbed.

4. State Variables
» Variables that define the state of a systdfrtensivevariables are proportional

to the quantity of matter being considered (V, total Gp)ensivevariables are
independent of quantity (concentration, viscosity, density, molar Cp)

5. Work (w): “The transfer of energy from one mechanical system to another. Itis
always completely convertible to the lifting of a weight”. “The energy that flows
across a system boundary in response to a force moving through a distance (such as
happens when a system changes volume”.

6. Heat (qg): “The transfer of energy that results from temperature differences”. “The
energy that flow across a system boundary in response to a temperature gradient.”
“that part of any energy transfer that is not accounted for by mechanical work
(FxD).” g=AU-w

7. Heat Capacity. The relation between heat transferred to a body and the change in T.

8. Enthalpy: The increase in enthalpy of a system is equal to the heat absorbed at
constant pressure, assuming the system does only PV work.

9. Entropy: A measure of the loss of capacity of the system to do work.

10.ZEROTH LAW: “Two bodies in thermal equilibrium with a third are in thermal
equilibrium with each other” (Basis of the concept of temperature)

11.FIRST LAW: “The alegraic sum of all energy changes in an isolated system is zero”
(Conservation of energy). Energy can be converted from one form to another but
cannot be created or destroyetlJ=g+w. This is based only on observation

12.SECOND LAW: “Spontaneous changes are those which, if carried out under the

proper conditions, can be made to do work. If carried out reversibly they yield a

maximum amount of work. In natural processes, maximum work is never obtained.
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3.2 Basic Principles

3.2.1

Thermodynamics is the study of energy in systems, and the distribution of energy among
components. In chemical systems, it is the study of chemical potential, reaction
potential, reaction direction, and reaction extent

First Law of Thermodynamics:
dU=dq +dw

where U is the internal energy, g is the heat transferred to a system from the
surroundings, and w is the work done on a system by the surroundings.

* “The change in the internal energy, dE, is the sum of the heat transtetnedsystemdlq,
and the work donen the systemgw. This is the energy conservation principle for a
system” (Stumm and Morgan, 1981, p. 17). For a finite change:

3.2.2

AU=q + w

Work and Reversible reactions.:

* “Work is the transfer of energy from one mechanical system to andthemllways
completely convertible to the lifting of a weight.
* Work doneon a system is positive, and work ddmgthe system as negative. An
example of work by the system is the expansion of a cylinder against the atmosphere
v2

w,, =—[PdV
J
For a system doing only PV work:
dU =dq +dw
dU =dq - RV

where PdV is the reversible expansion work done on the system by the surroundings.
An analog ofa system doingno workwould be a sled going down a hill. The reaction is
spontaneous, and potential energy is eventually converted to heat due to fwetipn (

dU =dg. The reaction proceeds until the potential energy minima is reached, i.e., the
bottom of the hill. The reverse reaction is not spontaneous.

An analog for asystemdoing workwould be if one attached an object to the sled over a
pulley, where the mass of the object M, the mass of the sled and driver. As the
sled goes down hill, the object is pulled upward, and work is die=(dq + w; w =
M.gdh).

As the mass of the object Mcreases, more work is accomplished, untilisvonly
infinitesimally greater than Mand the maximum amount of work can be accomplished
as the sled moves infinitely slowly, and only an infinitesimal amount of energy is
required to reverse the process.
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3.2.3 Second Law of Thermodynamics

The second law is concerned wahtropy (S)which is that part of the total energy of the
system that is not available to do useful work.

Statement One “The total entropy change of the closed system igs@®d is the sum
of changes inside the system;nlSand entropy transferred to the system from its
surroundings, dir.

dSsys= dSint + dSsur
dSsur = da/

For a reversible process equilibrium state of the system, the second law states that the
internal entropy change is zero:
dSnt=0

For a spontaneous or natural process in the system
dSint > 0
So for any spontaneous natural process
dSsys> da/

The internal entropy change for a closed system is zero at equilibrium and positive for a
spontaneous process. The heat transferred to a closed system, divided by T, is equal to
or less than the entropy increase for any possible process. The entropy of an isolated
system increases in any spontaneous process and attains a maximum for any reversible
process. $tumm and Morgan, p. 19)

3.3 Free Energy
The Gibbs Free energy is that portion of the total system energy that is available for useful work.

* For most cases in water chemistry, the system is closed to the addition and removal
of matter, but open to the transfer of energy.

* The system is at constant temperature and pressure, does only PV work, with P
constant, so only expansion work is done:

dw=-PdV
At equilibrium, and with fixed composition (no addition of material):

dg = TdS(sys)



o)
dU =TdS- PdV

So the internal energy is a function of entropy and volume. Another expression for total system
energy is Enthalpy (H):

H=U+PV
dH = dU + RV

When_T and P are constamte can use Gibbs expression for free energy

dG =dU + PdV - TdS

dG =dH - TS
Where:
G = Gibbs free energy, kcal/mol
T = absolute temperatur®
S = entropygal/%K
H = enthalpy, kcal/mol

This equation tells us if a reaction will happen, and in what direction.
a) Enthalpy: the total energy content of acompoudti(= dU+PdV) in kJ/mol; .
b) Free Energy: That part of the total energy that is available to perform "useful work", that
is, other tharPV work, such as electrical work, in kJ/mol.
c) Entropy: the degree of disorder of a system. The product TS is that part of the free
energy which is NOT available for useful work, in joulis/

3.3.1 Heat Capacity:

Heat capacity is defined as the change in temperature of a system with a change of heat
transferred to the system:

d
c=-1

Cv :dé%a ~C, = %@P

Heat capacity can be measured directly by calorimetry (at constant pressure), and can
provide information on enthalpy for a closed-system process.



3.3.2 Law of Mass Action:
The driving force of a reaction is related to the concentrations of reactants and products.
aA +bB --->cC +dD
* The ratio of products to reactants is expressed by the equation:

[CT0° _ 0
[ATg°
At equilibrium this ratio is equal to the equilibrium constant, K

3.3.3 Equilibrium
» For a closed system at constant pressure and constant temperature, the criterion for

equilibrium is thathe total free energy of the system (§Q is a minimum.
» If we were to add A and B to a reaction vessel and calculate total free energy as a

function ofreaction exten( & ), we would get:

Gt
Gt
A+B & dGr C+D

dG =0

g
The TOTAL FREE ENERGY is the sum of the free energies of each component.
Gt = MGa + ngGp + NcGe + NpGp

Where G = Free energy / mole of i
N = number of moles of i
» For areaction proceeding in incremental amounts toward equilibrium, the change in
G is proportional to dG, where

AG = (ZUiGi)products - (2ViGj)reactants

Where: v; = the stoichiometric coefficient
G;= the free energy per mole
« Applying to our base equationAG =AH - T°AS (at constant T,P)
a)AG < 0, and G decreases as the reaction proceeds, the reaction is spontaneous.

b) AG = 0, the reaction is at equilibrium, ang & at a minimum
¢) dG > 0, the reaction is not spontaneous as written, but proceeds in the opposite

direction.



» Values ofAG for a reaction can predict whether or not reactions are possible. To
calculateAG for the general mass reaction we use the relationship:
AG =AG° + RT InQ
Where: AG® = @UiG%)products- (ZViG)reactants

{ = free energy per mole at standard state.

3.3.4 Free energy of formation:

« To calculate the equilibrium state before the reactions occurs, it is necessary to calculate
the chemical potential of each component, but it is only possible to measungein
free energy.

« Therefore, thestandard free energy of formatiors defined ashe change in free
energy to form the compound from its constituent elemehtsh are arbitrarily
assigned a value of 0.

«  This can be used to determine the overall standard free energy change for the reaction,
dG,° from the free energies of formation:

3.3.5 Free Energy of Reaction:

» The free energy of the reaction is equal to the sum of the free energies of formation of
the products minus the sum of the free energies of the reaatatdsmdard state

AG® = (2viG°%,i)products - (ZViG°f i)reactants

» Further, we can relate the free energy of a single substance at a state other than standard
to its free energy of formation at standard state by the expression:

G| :AGof,i + RT In {l}
Where {i} is theeffective concentratioar activity of species I

3.3.5.1 Example Calcium carbonate:

Cyraphite™ 3/2 @ + Ca ---> Calcite AG°s = -269.78 kcal/mol
Cyraphitet 3/2 O + Ca ----> Calcite AG°s = -269.78 kcal/mol
He o oo > He AG%=0
Ca-----> Ca+ AG% = -132.18
H*+C+32Q - > HCO;5 AG®% = -140.31
AGO = (ZViGof,i)products_ (ZViGof,i)reactants
CaCO3 + Ht -------- > Catt + HCOg3" G°r=-2.71

Reacting 1 mole of acid with one mole of calcite releases free energy, so the reaction is
spontaneous.



3.4

The value of thactivity of a substance is dependent on the choice of standard state conditions,

Activity vs. Concentration

or the conditions that result in unit activity.

1.

2.

> w
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Forions and molecules in solution(i) is related to the molar concentration [i], by (i) =
y[il, wherey is the activity coefficient. As the solution becomes dijutgpproaches 1.

For thesolvent in a solution(i) = yX;, where X is the mole fraction. As the solution
becomes more dilutg, approaches 1. The activity generally is assumed to be 1 for the

dilute solutions of concern here.
Forpure solidsor liquids in equilibrium with a solution, (i) = 1.

Forgasesdn equilibrium with a solution, (i) ¥ P,where R = is the partial pressure of

the gas in atmospheres. As the total pressure decrgaggwoaches 1. When reactions
take place at atmospheric pressure, the activity of a gas can be approximated closely by

its partial pressure.
For mixtures of liquids, (i) = X

Returning to the example:

AG = [AGof,HCO3+ RTIn{HCOS-} + AGC’f7Ca+++ RTIn{Ca++}] —
Collecting Terms:
- [AG® w4 + RTIN{H+} + AG®% cacost RTIN(CaCQ)]

o {HCO, X Caz}*
W AG = AG° + RTIn 3
can state (H7 CaC oy

{HCO.X Ca}

and since the activity of a solid is uni§G = AG’ + RTIn H1
AG =AG® + RT In Q

When the value of Q is identical to that of the equilibrium constant KAénd 0,
0=AG° + RT In K; AG°="RTInK
When not at equilibrium, substituting we can get

AG = -RT In K + RTInQ
=*+RT In Q/K
when Q/K>1, not spontaneous
Q/K =1, equilibrium
Q/K < 1, spontaneous



3.4.1 Example 3-1, S&J

Determine the equilibrium constant for the dissociation of water at 25°C:
H20 <----> Ht + OH

1. Find theAGs of the reactants and products:

Species AG*%
Ho0 -56.69
H* 0

OH -37.60

2. Sum the energies of formation to get a standard free energy of reaction
AG® = (1)(0) + (1)(-37.6) - (1)(-56.69) = 19.09 kcal
19.09 = -RTInK

-19.09 _
(1.987)(10%)( 293

InK =-32.24

K = [H+}{OH-] = 10-14

3. Use reaction rates to find equilibrium:
k1
H* + OH- <----> HHO
k-1
with kq = 1.4x1d- liter/mole sec
ko = 2.5x10° /sec

These are the fastest rates known in aqueous solutions, where the reaction is essentially
instantaneous, with the overall rate limited by the rate of diffusion of reactants.

Since the reaction is elementary, we can write:

Forward rate = {{H+][OH-]

Reverse rate =4H>0]

Since at equilibrium, the forward rate = reverse rate:

k1[H+][OH-] = k2[H20]
ko[H20]/k1 = [H+][OH-] (moleZ/liter2)
Substituting for k's, and using 5.5 moles/| for water concentration:

5
(2.5x10 {§ec)(55.5noles/ I): 0.99 10
1 4x10*liter / mole-sec




3.5 Temperature And Pressure Dependence OF K, G, H

The driving force of a reaction 48G, as an expression of useful work (non-PV work). This is
comprised of 2 components, enthalpy and entropy. At equilibrium:

AG = AH - T°AS
So the magnitude and direction of the driving force depends on the magnitude and direction of H
and S. Neither by themselves controls the reaction.

3.6 Enthalpy And The Temperature Dependence Of K

* The enthalpy change of a chemical reactd)(is the amount of heat that is released
or taken up during the course of the reaction.
a) Endothermic = positivAH
b) Exothermic = negativaH

AH can be expressed in terms of G, S, and DHS:= AG° + T° DS° and represents the
TOTAL energy of the system, both usable and unusable. At equilibAHrtT°AS

* Similarly toAG®°, AH® for a reaction can be calculated by:

AHO =5 (AH® oqued - = (AH°

reactantl

» Also similarly toAG®, the absolute value &H° cannot be directly measured, and so the
elements are assigned a value of 0, and then calculating the enthalpy of formation.

* The standard enthalpy chanfje® is used to determine the effect of temperature on the
position of equilibrium. The basic equation is:

dG = - SIT + VdP

Which atconstant pressurecan be written as

dG=-SdT,

so the change in free energy with temperature is related to entropy. For a finite change in state:

AG =-8AT,

PoCH - s
.

0oT



AG=AH+T ]LAG E]
00T [
divide through by #:

_AG, 1[PAGH __AH
T2 TDOT@ T?

and T? TDaTg, 0 aT D

]

AG 1 EpAG % AH

giving theGibbs-Helmholtz equations

By differentiating the equatioddG°® = -RT InK we obtain

i

nK; 1
Odr b R T?

D:DI:II:II:IQI:I

5

Since by definition the standard system is at 1 atmA&fdandAH*® are not function
of pressure, we can write the full differential thus:

dinK, _AH°®
a7 - RT2 called thevan't Hoff Isochore

So the equilibrium constant varies with temperature as a function Bhthalpy of the
system (Assuming dH does not vary with temperature.).
* If we assume thafdH° is independent of temperature, integration of the equation yields:

In—z——AHOEl—iE
K, R O, TO
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Plotting log K against 1/T results in a line whose slopeci'§|°/2.3R

log K

Ut

a) For an exothermic reaction, K must decrease as the temperature increases....

3.7 Ideal And Non Ideal Solutions

3.7.1 Chemical Potentials In Phases:

Chemical Potential: G g =u(T,P)

+  For pure solids and pure liquids the chemical potential is the molar free energy G bar,
and is a function of T and P only.

« by convention we refer to the chemical potential of a component at 1 gttnsas

H=po(T)
3.7.2 2. Chemical potential of an ideal gas.
«  For n moles of pure gas at constant temperature
dG = VdP
«  From the ideal gas law:
V = nRTl/p

So:  dG =nRHPp or  dG=nRTInP
« Integrating from a standard pressure P° to a pressure P yields

G-G°=nRTInP/pe
Dividing by n
G/n - G°/n = RTIP/pe

«  Since the chemical potential for a one-component phase is G/n:
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K(@) - K°(9) = RTInF/pe
When P = P°y(g) =p°(g), or
Hi(g) = Hi(g) + RT IF/pe

IfP°=1
Hi(g) = Wig) + RT InP

and in an ideal gawmixture:
Hi(g) = Wigg) + RT InR

where the value gf at 1 atm iqu° standard state, ang iB the partial pressure of
component i. If xis the more fraction of component i:j £X;P, leading to:

Hi(g) = Wi(g) t* RT InP + RTIn X

3.7.3 Chemical potentials in ideal solutions:
This closely follows ideal gas mixturesylj(sol) = Mj(sol) + RT InX

Where: X = the mole fraction of i in solution

» For a solution of component i in equilibrium with a vapor phase, the general criterion of
equilibrium dG = 0, yields as the condition of 2-phase equilibrium

Hi(sol) = Hi(g)
* Assuming the vapor phase is an ideal gas mixture, we get:
Hisoly + RT In X = p°(g) + RT InR

Rearranging

P io so - l’lio D
= expEF ( I)RT (9
i = =

1) This equation states ththe vapor pressure of component pigportionalto
its mole fraction in a solution behaving ideallyhis is the base equation for
Raoults andHenrys law.:
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3.7.4 Raoult's Law:

The ideal gas vapor pressure of an ideal solution component is equal to the vapor pressure of
the pure liquid component multiplied by the mole fraction of the component in the solution, or:

Pi = XiP%

where Ris the partial pressure,
X is the mole fraction, and
P} is the partial pressure of pure comporient

L oo — gy O

5 RT g

and when X=1:
Ki(sol) =H’i(g) + RT InP§

Thus the standard state chemical potential for the ideal solution component depends on the

ideal gas state and the convention thatXis the standard state for the component in
solution.

--For real solutions, Raoult's law behavior is approached asjx--> 1.

3.7.5 Henry's Law:

For a dilute solution the ideal gas vapor pressure of a volatile solute is proportional to its mole
fraction in the solution; that is, escaping tendency of the solute molecule is proportional to their
mole fraction, ie:

Pi = KiXj

This means that iKis theslopeof the plot of Pvs X for sufficiently dilute solutions, or where
solute-solute interactions are negligible.. So:

P oy = By &
K, = expd— 19

5 RT B
For real solutions, Henry's law behavior is approached as iXapproaches 0.

Important : %o for a Henrys law solute reflects the properties of a dilute solution, and
for a Raoults Raw component it reflects the properties of a pure component, in other
words, the solvent.
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3.8 Nonideal Behavior Of lons And Molecules In Soluitons:

3.8.1 For Real Solutions:
1) The term activity is used fadealizedconcentration, vs actual concentration:

Wi =% + RT Irg

and
a = YiX|

giving the chemical potential in a real solution:
Wi =K% + RTIyXG; Wi =K + RTInyi+ RTInX|

Where the expressidRTInyi isthe partial molar free energy of the interactions that
occur in nonideal mixtures

3.9 lonic Strength Effects On Equilibrium:

* In very dilute aqueous solutions, ions behave independently of one another and we
assume that activity coefficients of ions are unity.

* However, as the concentration of ions in solution increases, electrostatic interactions
between the ions also increase, and the activity of ions becomes somewhat less than
their measured or analytical concentration:

g =y Xj or{i} = i

--The activity coefficient becomes less than one and the chemical equilibrium is affected,
forcing the rewriting of the mass action equation to:

« =1GTP " _ (D (v D) °
{ATB" (vlA) (v B)°

* But from a purely thermodynamic point of view there is no way in which the activity of a
single ion can be measured without introducing non thermodynamic assumptions, i.e. Single

ion activity coefficients
» To calculate the activity coefficients of solutes in real solutions, the effects of actual solute

mixture must be taken into account, ie, non-infinite dilution.
* The generalized expression of these effects is the ionic strength, defined as:

1235 (€2
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3.9.1 DeBye-Huckel limiting law:
~logy, = 0.52%1*

This is the simplest equation, and is good up only Up=t6.005
« Based on the effect ionic interactions should have on free energy. In an ionic
solution, positive ions will tend to have a cloud of negative ions around them, and
negative ions a cloud of positive ions.

3.9.2 Extended DeBye-Huckel approximation of the DeBye-Huckel limiting law,
» applicable for ionic strengtk0.1M
AZ?|?
— |Og yI = Z—;
1+Bal?

Where:

A = a constant that relates to the solvent, and varies with temperature. (A = 1821310
312, ¢ = dielectric constant.)
A= 0.5at15°C; 0.509 at 25°C

B = a constant that relates to the solvent and varies with temperature. BE50/3(
B = 0.326x16 at 15°C; and 0.328x8at 25°C.

g; =a constant that relates to the diameter of the hydrated ion. For monovalent ions except
H+ this is about 3-4 x 18

Zj = the charge of the ion

3.9.3 The Guntelberg approximation
* plugs in the monovalent coefficients at 15°C:
0.5771?

-logy. = .
el 1+12

This approximation is useful in solutions of mixed ions with varying charges, since the
limiting law is not satisfactory with mixed charge types, and is useful up 1.

3.9.4 Davies equation

For 1=0.5m; —logy, = AZ’ H— —-0.2(0.3)I El

L+ F

3.9.5 Electroneutrality:
- All solutions are charge balanced, with the meq of anions exactly balanced by the meq
of cations. The standard equation is:

Z mey(anions — Z me(cations 1
Z mey(anions + Z me(cations X

CB= 00
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The usual QA cutoff is +/- 5% on the CB, or with the alternative equation, 10%. This is
often exceeded with very dilute waters and brines.

3.9.6 Relation of ionic strength to TDS
H=25x10°x TDS

1= 1.6 x 10° x specific conductancguinho/cm)

3.9.7 Activity coefficients of nonelectrolytes in aqueous solutions:
This is not as well developed as for electrolytes, and is based on engmpiedions such as

logy = ks

» For this equation, the salting-out coefficiegtnkust be experimentally determined, and
is generally in the range of 0.01 - 0.15
* nonionic solutes have activity coefficient of nearly 1 for | < 0.1

3.9.7.1 Example: dissolved oxygen in NaCl:

kg=0.132
p=0.05
logy =0.132 x 0.05 = 0.0066
y=1.02
S0 as the ionic strength increases, the activity coefficient increases.
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