Name: __________________

Applications of Thermodynamics
Unit 9

(ni n e cl a s s per i o d s )

Unit 9.1: Thermodynamics… again…
1. Energy
a. Kinetic energy – energy of motion, proportional to the
temperature of a substance in Kelvin
i. Maxwell-boltzmann distribution – shows the number of
particles (Y-axis) with some amount of energy (X-axis).
ii. NOTICE: that though T=300K is a higher temp, so number
of particles with a higher speed is higher (the area under
the curve shows more molecules with a greater speed),
compared to T=80K, which has a large number of molecules with less speed.
Exercise 1: Each line is a different experiment; which line will produce the most products? Why?

b. Potential energy – stored energy, in chemistry this energy is stored in bonds. Sometimes called the
HEAT of some substance its technical term is Enthalpy (H)
i. Graphed as a potential energy diagram –
shows how it changes during a reaction
ii. In unit 6 we discussed enthalpy quite a bit,
and how to calculate it:
1. Stoichiometry
2. Calorimetry (q = mcT
3. Heat of formation / tables(Hf)
4. Hess’ Law
5. Bond energy
2. Entropy (S)
a. Measure of dispersal or chaos in a system
b. solid < liquid < aqueous << gas

c. Predicting Entropy
i. The greater the dispersal of matter and/or energy in a system, the larger the entropy.
ii. The entropy of a substance always increases as it changes from solid to liquid to gas.
iii. When a pure solid or liquid dissolves in a solvent, the entropy of the substance increases
(Carbonates are an exception! Carbonates interact with water and actually bring MORE order to the system.)

iv. When a gas molecule escapes from a solvent, the entropy increases
v. Entropy generally increases with increasing molecular complexity (crystal structure: KCl vs.
CaCl2) since there are more MOVING electrons!
vi. Reactions increasing the number of moles of particles often increase entropy.
In general, the greater the number of arrangements, the higher the entropy of the system!
Exercise 2: Answer each multiple choice question

Exercise 3:

d. Calculating entropy (S)
𝑜
𝑜
𝑜
∆𝑆𝑟𝑥𝑛
= ∑ ∆𝑆𝑝𝑟𝑜𝑑
− ∑ ∆𝑆𝑟𝑥𝑡
i. tables(So)
1. Same as Enthalpy of formation (Hf),
𝐽
NOTE: units are usually
𝑚𝑜𝑙 𝐾
except that elemental substances will
That’s important later!
have an entropy values – because they have electrons which
move – therefor have entropy (various quantum states)
Exercise 4:

ii. Hess’ Law -- Since it is a state function just like enthalpy we can utilize hess’ law the same way!
iii. During a phase change
𝑞
1. Since phase change occurs at a constant
∆𝑆 =
𝑇
temperature and pressure (q=H), if we
know the heat transferred (q) or
enthalpy required to conduct that phase change we can either determine the entropy of
that phase change or the temperature it occurs at if we know the entropy and enthalpy
change.
Exercise 5:

Exercise 6:

Unit 9.2: Gibbs Free Energy
1) The calculation of Gibbs free energy, ΔG is what ultimately decides whether a reaction is thermodynamically favored
or not (favorable reactions (-G) occur, non-favorable reaction (+G) do not)
2) A NEGATIVE sign on G indicates the reaction is thermodynamically favored.
3) At equilibrium gibbs free energy (G) drops to zero: Gibbs free energy is a measure of how much "potential" a
reaction has left to do a net "something." So if the free energy is zero, then the reaction is at equilibrium, an no
more work can be done.
4) Calculating Gibbs free energy
∆𝐺𝑟𝑥𝑛 = σ ∆𝐺𝑝𝑟𝑜𝑑 − σ ∆𝐺𝑟𝑥𝑡
a) Tables – Just like enthalpy elemental compounds have a G of 0
Exercise 7:

b) Hess’ Law – organize the reaction so:
i) Matches the stoichiometry of the overall reaction.
ii) Intermediaries and catalyst factor out.
Exercise 8:

c) The Gibbs Equation
i) A MUCH simplified version, a larger physics equation (Gibbs-helmholtz), is extremely practical in this course
ii) THE BIGGEST FORMULA IN THIS UNIT!!!!!
∆𝐺 𝑜 = ∆𝐻 𝑜 − 𝑇∆𝑆 𝑜
iii) Lots of reactions are explained this way --Like why at certain temperatures a
Keep an eye on your units here!
reaction is favorable but not at others? why are exothermic reaction favorable? Etc.
Exercise 9:

H:

S:

G

iv) Can be rearranged to find at what temperature a reaction becomes
thermodynamically favorable at equilibrium (since at equilibrium G = 0)
Exercise 10:

d) Gibbs free enegy and equilibrium
i) Can be used to discuss a reaction at equilibrium
ii) Equilibrium constant (K)
(1) Ratio of Products to Reactants
(2) Remember it is

∆𝐺 𝑜 = −𝑅𝑇 𝑙𝑛𝐾

𝑃𝑟𝑜𝑑
𝑟𝑥𝑡𝑠

𝐽

iii) R = 8.314𝑚𝑜𝑙 𝑘
Exercise 11a:

Exercise 11b:

5) Overview (personally I just write the equation and assign positive and negative values)

a) What ultimate determines if a reaction is favorable
i) Gibbs free energy
(1) The energy available to do work
(2) Negative (-G) reactions are thermodynamically favorable
(3) Positive (+G) reactions are thermodynamically unfavorable

∆𝐺 𝑜 = ∆𝐻 𝑜 − 𝑇∆𝑆 𝑜
0 = ∆𝐻 𝑜 − 𝑇∆𝑆 𝑜
𝑇∆𝑆 𝑜 = ∆𝐻 𝑜
∆𝐻 𝑜
𝑇=
∆𝑆 𝑜

ii) Equilibrium
(1) MOST reactions establish an equilibrium
(2) Equilibrium constants K =

[𝑃𝑟𝑜𝑑]
[𝑅𝑥𝑡]

(3) Reactions with an equilibrium constant (K) > 1 are favorable

Unit 9.3: Gibbs Free Energy
1) Oxidation and reduction reactions
a) Atoms gaining or loosing electrons
b) Oxidation state/number is the charge of an atom or species (group of atoms)

Exercise 12: determine the oxidation number of all element in the molecule
Cl2

(SO4)2-

H2O

SF6

CO2

2) Remember!
a) Oxidation – the loss of electrons
b) Reduction – the gain of electrons
c) Oxidizing agent – a species that is reduced and thus forces another to oxidize
d) Reducing agent – a species that is oxidized and thus forces another to be reduced
e) SOOOOOO redox reactions have two halves:
Exercise 13:
Al half reaction:

.

I2 half reaction:

.

3) we will capture this transfer and use it to do work
a) The movement of electrons is what we call electricity
b) To capture the transfer of electrons we have to separate the half of the reaction that is giving up electrons and
the half that is gaining them.
c) Galvanic Cell
i) Electrodes can be solid form of the elements being oxidized or reduced but what if you wanted to reduce
ions?
ii) You would need to use an INERT electrode (Pt or Cgraphite)
iii) Solutions are kept at 1M
Exercise 14: show the half reactions for the reaction between Zn and Cu. Label the parts of the galvanic cell and
show the chemical reaction occurring in each cell
Zn + Cu2+ → Zn2+ + Cu

d) Abbreviation for a galvanic cell
e) ALWAYS the same
f) Reactant/product||reactant/product
Anode
cathode
g) Creates an ion sandwich
h) Ways to remember important stuff
i) AN OX -- Oxidation occurs at the anode
ii) RED CAT -- Reduction occurs at the cathode
iii) Ca+thode --Cathodes are positively charged, Therefore anodes
are negative
i) FAT CAT –From Anode To Cathode, also the cathode generally gains mass

2+

3+

2+

Fe /Fe ||Cu /Cu

Exercise 15: Label the following galvanic cell for a battery made with the following species
𝑀𝑛𝑂4 − + 𝐹𝑒 2+ → 𝑀𝑛2+ + 𝐹𝑒 3+

Unit 9.4: Cell potential (Ecell)
1) Cell potential
a) AKA: electromotive force, Emf, or cell
b) Measure of the “pull” of electrons as they travel from anode to cathode
c) Some elements have a greater affinity for electrons so they “pull” more towards them
d) Units: Volts (V)
𝐽

e) 1 V = 1𝑐𝑜𝑢𝑙𝑜𝑚𝑏
f) Measured with a voltmeter
2) Standard Cell Potentials
a) Based on H2(g) + Pt electrode = 0.00 V
b) Everything else is compared to that
c) Standard Conditions (1 atm for gases, 1M for
solutions, 25oC)
d) Symbolize by a naught (o) E0, Eocell, Emf0, and e0cell
3) Construction of a galvanic cell
a) Choose two metals / ions that are cost effective
(gold powered battery??)
b) Choose two metals / ions that have different
standard potentials
i) Elements that have the most positive reduction potentials are easily reduced
ii) Elements that have the least positive reduction potentials are easily oxidized

4) Calculating Cell Potential (Ecell)
a) Decide which element is oxidized / reduced (high stays, lower flips)
b) Write both equations and their potentials, flip the sign of the lower
c) Balance the half reactions
DO NOT CHANGE THE POTENTIALS
d) Add the potentials and half reactions
Exercise 16:

Unit 9.5: Galvanic Cells at Nonstandard Conditions
1) If a cell is thermodynamically favorable then it will make a good battery
(if -G then good battery)
2) Faraday (F)
a) charge on 1 mol e𝐽

b) 96,485 𝑉×𝑚𝑜𝑙 𝑒 −
c) use 96,500 for multiple choice
d) As long as Eo is positiveG will be negative
Exercise 17:

∆𝐺 = −𝑛𝐹𝐸 𝑜

n= Moles of electrons
𝐽
F = 96,485
𝑉×𝑚𝑜𝑙 𝑒 −
Eo = cell potential at standard
conditions

3) Galvanic cells are a chemical equilibrium and
thus subject to LeChatlier’s Principle
a) Increasing rxts will favor the forward rxn,
thus cell potential increases
b) Endothermic reactions have higher cell
potentials at higher temperatures. Etc.
4) Nernst Equation
a) Changes in concentration effect Ecell
b) As a battery runs the [Rxt] decrease and
therefore Ecell drops
c) This dropping Ecell can be found using the
Nernst equation
d) ONLY true at 25oC
Exercise 19:

Exercise 18
0.48V

𝑜
𝐸 = 𝐸𝑐𝑒𝑙𝑙
−

Not on the AP exam but on your quiz. Remind me to give it to you!

e) What does the Nurst equation mean?
i) As the battery runs rxts  prod Ecell drops
ii) When Ecell = 0.00 rxn is at equilibrium Battery is “dead”
(1) Qrxn=Krxn
(2) G = 0.00
iii) Possible to make batteries out of differences in concentration, thus use up
the higher concentration
Exercise 20:

0.0592
𝐿𝑜𝑔𝑄
𝑛

Unit 9.6: Electrolysis
1) Two types of electrochemical reactions
a) Galvanic / Voltaic
i) Thermodynamically favorable (-G)
ii) Two separate cells
iii) Transfer of electrons through a wire &
voltmeter
iv) IS a battery
b) Electrolytic
i) Thermodynamically unfavorable (+G)
ii) One cell
iii) Requires a power source to reduce a
species that would normally NOT reduce
iv) NEEDs a battery
v) Since the reaction is reversed in
electrolytic cells they have a Positive
Anode (remember the acronym EPA)
2) What is electrolysis used for?
a) Separating ores
i) Ores are melted down
ii) Electrodes (inert) are inserted and various elements will accumulate
b) Electroplating --Aqueous metal ions are plated onto less valuable metal objects
3) Predicting the products of electrolytic reactions
a) If no water is present
i) Cation will be reduced
ii) Anion will be oxidized
b) If water is present
i) Water can be oxidized
ii) Water can be reduced
iii) Will it?
(1) Polyatomics lose to water -- Water is oxidized
(2) Group I and II lose to water -- Water is reduced
4) Calculations of electrolysis -- Two questions:
a) How many grams can be plated given time and amps?
b) How long would you need to run some number of amps to get some grams?
c) Both are ALL dimensional analysis
Exercise 21:
i) Remember:
1 𝐽𝑜𝑢𝑙𝑒
1 𝑐𝑜𝑢𝑙𝑜𝑚𝑏
1 𝑐𝑜𝑢𝑙𝑜𝑚𝑏
1𝑎𝑚𝑝 = 1 𝑠𝑒𝑐𝑜𝑛𝑑
96,485 𝑐𝑜𝑢𝑙𝑜𝑚𝑏
1 𝑓𝑎𝑟𝑎𝑑𝑎𝑦 =
1 𝑚𝑜𝑙 𝑒 −

(1) 1𝑉𝑜𝑙𝑡 =
(2)
(3)

Gibbs Free Energy Worksheet
1. Calculate ∆Grxn for each reaction using the table of standard Gibbs free energy of formation & state whether
the reaction is favorable or not.
Species
Species
Species
∆Gf
∆Gf
∆Gf
AlCl3
-628.9
CO2
-394.39
Ag(CN)3-40.67
BaCl2
-806.7
H2O
-228.61
C2H5OH
-174.8
HCN
+124.7
a. 2 AlCl3 + 3 Ba → 3 BaCl2 + 2 Al

b. C2H5OH + O2 → CO2 + H2O

c. HCN + Ag → H2 + Ag(CN)3-

2. Calculate the Gibbs free energy for the decomposition of hydrogen peroxide given the information below
2
→2
+
Given:
2
+
→2
∆G = -572
+
→
∆G = -188

3. Given the information for each equation determine the value of ∆Grxn and indicate if the reaction is
thermodynamically favorable
a.

b. 2

+1

→

→

+2

∆H = -638.4 kJ

∆S = 156.9

∆H = -57.2 kJ

∆S = -175.9
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Oxidation Numbers

Name____________________Per______

In first year chemistry you learned a quick method of determining whether a reaction is an oxidation reduction reaction. That
quick method was to look for any “lone” elements in the reaction, such as in single replacement reactions. You may recall the
equation below from lab work.
2 AgNO3 + Cu → 2 Ag + Cu(NO3)2
In fact, all single replacement reactions are redox reactions. You may also recall that combustion reactions are also always
redox reactions. Recall the combustion of methane (from the Bunsen burner) shown below.
CH4 + 2 O2 → CO2 + 2 H2O
You learned that double replacement reactions, precipitation-type or acid base-type are never redox reactions.
In this AP chemistry course, we will push further in to other types of reactions that do not necessarily involve “lone”
elements, but will be a redox reaction. We need a method to identify these reactions and we need a method to track the
electrons lost and gained during the reaction. Tracking electrons will help identify the oxidizing agent − the species which
causes oxidation and gets reduced itself. Likewise, tracking the electrons will also identify the reducing agent − the species
which causes reduction and gets oxidized itself.
Chemists have devised a scheme for tracking electrons, which is like bookkeeping for electrons − each shared electron is
assigned to the atom which attracts the electrons most strongly. Then a number, called the oxidation state or oxidation
number, is given to each atom based on the electron assignments. In other words, the oxidation number is the charge that an
atom would have if electrons were transferred completely, not shared. Tracking electrons will provide a tool to help balance
challenging equations as well as providing the total number of electrons transferred − the same amount is always lost as is
gained. This quantity of electrons transferred is useful in thermochemical and electrochemical calculations.
So be able to use oxidation numbers, you need to follow some rules to assign them. The following rules are hierarchical.
That is to say, if any two rules conflict, follow the rule that is higher on the list.
1 The oxidation state of an atom in its elemental form is = 0.

such as Cu, He, O2, or P4 , etc.

2 The oxidation state of a monoatomic ion is equal to its charge.

such as Ca2+, Cl−, etc.

3 The sum of the oxidation states of all atoms in:
• A neutral molecule or formula unit is = 0
• An ion is equal to the charge of the ion.

This rule must always be followed.
H2O (2 × ox state of H) + (ox state of O) = 0
NO3− (ox state of N) + (3 × ox state of O) = −1

4 In ionic compounds, metals always have positive oxidation states.
• Group 1A metals are always = +1
• Group 2A metals are always = +2

KCl
K = +1
MgBr2 Mg = +2

5 In ionic or molecular compounds, nonmetals are assigned oxidation
states as listed below (This too is a hierarchical list):
• Fluorine
= −1
MgF2
F = −1
• Hydrogen = +1
H 2O
each H = +1
• Oxygen
= −2
CO2
each O = −2
• Group 7A = −1
CCl4
each Cl = −1
• Group 6A = −2
H2S
S = −2
• Group 5A = −3
NH3
N = −3

Practice
1.

2.

Give the oxidation number of the carbon in each of
the following compounds:
a. CF2Cl2
b. Na2C2O4
c. HCO3−
d. C2H6
e. CH2O
Give the oxidation number of the bromine in each of
the following compounds:
a. KBr
b. BrF3
c. HBrO3
d. CBr4

3.

Give the oxidation number of the nitrogen in each of
the following compounds:
a. NO3−
b. N2F4
c. NH4+
d. HNO2
e. N2

4.

Give the oxidation number of the sulfur in each of
the following compounds:
a. SOCl2
b. H2S
c. H2SO3
d. SO42−
e. S8

STANDARD REDUCTION POTENTIALS IN AQUEOUS SOLUTION AT 25C
E (V)
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2.87
1.82
1.50
1.36
1.23
1.07
0.92
0.85
0.80
0.79
0.77
0.53
0.52
0.34
0.15
0.15
0.14
0.00
– 0.13
– 0.14
– 0.25
– 0.28
– 0.40
– 0.41
– 0.44
– 0.74
– 0.76
– 0.83
– 1.18
– 1.66
– 1.70
– 2.37
– 2.71
– 2.87
– 2.89
– 2.90
– 2.92
– 2.92
– 2.92
– 3.05

GO ON TO THE NEXT PAGE.
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Labeling Electrochemical Cell Diagrams
Directions: For each cell below:
Write
 Reduction half reaction below the
correct half cell
 Oxidation half reaction below the
correct half cell

Pb(s)

Label
 Anode and cathode
 Direction and region of electron flow
 Direction and region of positive ion
flow

Cu(s)

Pb(s)

Al(s)

)

Pb+2(aq)
Cu2+ + Pb

Cu+2(aq)

Pb+2(aq)

Pb2+ + Cu

Ni(s)

Pb2+ + Al

Co(s)

Ni+2(aq)
Ni2+ + Co

Co+3(aq)
Co2+ + Ni

Al+3(aq)
Al3+ + Pb

Cu(s)

Zn(s)

Cu+2(aq)
Cu2+ + Zn

Zn+2(aq)
Zn2+ + Cu

Calculating Cell Potential (E cell)
1. Calculate the standard cell potential produced by a galvanic cell consisting of a nickel electrode in contact
with a solution of Ni2+ ions and a silver electrode in contact with a solution of Ag+ ions. Which is anode and
which is the cathode?

2. Calculate the standard cell potential produced by a galvanic cell consisting of a nickel electrode in contact
with a solution of Ni2+ ions and a silver electrode in contact with a solution of Ag+ ions. Which is anode and
which is the cathode?

3. What is the voltage produced by a voltaic cell consisting of a calcium electrode in contact with a solution of
Cu2+ ions. Which is anode and which is the cathode?

4. Use standard reduction potentials to predict whether the following reactions are thermodynamically favorable
or unfavorable in aqueous solutions.
Reaction
Favorable / Unfavorable
a. Ca2+ (aq) + 2 I- (aq)
b. 2 H2S(g) + O2(g)

Ca(s) + I2(aq)

_____________________________________________

2 H2O(l) + 2 S(s)

_____________________________________________

Mn2+ (aq) + SO42- (aq)

_____________________________________________

d. 2 H+ (aq) + 2 Br- (aq)

H2(g) + Br2(aq)

_____________________________________________

e. Ce4+ (aq) + Fe2+ (aq)

Ce3+ (aq) + Fe3+ (aq)

_____________________________________________

Cr3+ (aq) + Cu+ (aq)

_____________________________________________

c. SO2(g) + MnO2(s)

f.

Cr2+ (aq) + Cu2+ (aq)

Name:
Period:

Subject:

Date:

Nernst Equation problems
Find the emf for each of the following cell reactions:
1.

Zn(s) + Ni2+(aq) –> Zn2+(aq) + Ni(s)

[Ni2+] = 3.00 M, [Zn2+] = 0.100 M

2.

Zn(s) | Zn2+(aq) || Ag+(aq) | Ag(s)

[Zn2+] = 4.00 M, [Ag+] = 0.200 M

3.

Ni(s) | Ni2+(aq) || Ni2+(aq) | Ni(s)

[Ni2+] = 3.00 M, [Ni2+] = 1.00x10 - 3 M

Electrolysis
1. What are the factors affecting discharge of ions during electrolysis?
a. ________________________
b. ________________________
c. ________________________
2. Compare the electrolysis of molten sodium chloride and of aqueous sodium chloride in terms of the
factors given in table below: (the electrodes used are carbon electrodes)

Molten NaCl

Aqueous NaCl

Ions in
electrolyte
Anode reaction

Cathode
reaction

3. Predict the products of electrolysis of the following solutions:
Electrolysis of

Products
At the carbon cathode
At the carbon anode

Aqueous CuCl2
Aqueous AgNO3
Aqueous Na2SO4
Aqueous KCl

4. An electric current was passed through dilute sulphuric acid, using platinum electrodes.
reactions at the electrodes are given below:
cathode reaction:

2H+(aq) + 2e-

anode reaction:

4OH-(aq)

H2(g)

2H2O(l) +

O2(g) + 4e-

a. Construct the equation for the overall reaction in the electrolysis.
.............................................................................................................................

Adapted from HWA Chong Institution 2010

[1]

The

b. Explain why the volume of hydrogen produced at the cathode is 2 times the volume of
oxygen produced at the anode.
............................................................................................................................
.............................................................................................................................
c. Give the formula and chemical name of the other ion present in the dilute sulphuric
acid.
………………………………………………………….
5. An electric current is passed through aqueous potassium sulphate. Predict the products at the
anode and at the cathode.
.............................................................................................................................

6. State one use of electrolysis

[1]

.............................................................................................................................
7.

The diagram shows the electrolysis of aqueous copper(II) sulfate using graphite electrodes.

graphite

graphite

aqueous copper(II) sulfate
a. Give the formulae of four ions present in the solution.
.................................................................................................................................
b. State what are the observations at each electrode during the experiment.
cathode (- ve):
...............................................................................
anode (+ ve):
...............................................................................
8. Write an ionic equation for the reaction at the anode and cathode and state what type
of reaction is this for both.
cathode (- ve):
...............................................................................
anode (+ ve):
...............................................................................
Adapted from HWA Chong Institution 2010
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9. A common car battery consists of six identical cells each of which carries out the reaction
Pb + PbO2 + 2 HSO4- + 2 H+ → 2 PbSO4 + 2 H2O
Suppose that in starting a car on a cold morning a current of 125 amperes is drawn for 22.9
seconds from a cell of the type described above. How many grams of Pb would be consumed?

10. Copper is electroplated from CuSO4 solution. A constant current of 3.70 amp is applied by an
external power supply. How long will it take to deposit 1.00 x 102 g of Cu?

11. A solution of MnO42- is electrolytically reduced to Mn3+. A current of 7.32 amp is passed
through the solution for 15.0 minutes. What is the number of moles of Mn3+ produced in this
process?

Adapted from HWA Chong Institution 2010

