[bookmark: _3wocka56aq3a]AP Chemistry Unit 9 — Applications of Thermodynamics
Unit 9 connects several topics from earlier in AP Chemistry. You will combine ideas from:
· thermodynamics
· equilibrium
· redox reactions
· kinetics
· electrochemistry
The major question throughout the unit is:
Will a process be thermodynamically favored, and how can energy be connected to equilibrium and electrical work?

[bookmark: _ap6zmqr0om0a]1. Entropy
[bookmark: _lm6pxwlotvq]What Is Entropy?
Entropy, represented by S, describes how widely energy and matter can be distributed among possible microscopic arrangements.
A simple way to think about it is:
more possible particle arrangements → greater entropy
People sometimes describe entropy as "disorder," but this can be misleading. For AP Chemistry, it is better to think about energy dispersal and the number of possible microstates.
A microstate is one possible microscopic arrangement of the positions and energies of the particles in a system.
More possible microstates generally means greater entropy.

[bookmark: _jjmcvfhqhwdv]2. Predicting Entropy Changes
The entropy change is:
ΔS = Sproducts − Sreactants
If:
ΔS > 0
the products have greater entropy.
If:
ΔS < 0
the products have lower entropy.

[bookmark: _gnnmzwipjozt]Phase and Entropy
For the same substance:
solid < liquid < gas
in entropy.
Why?
A solid's particles are held in relatively fixed positions.
Liquid particles have more freedom of movement.
Gas particles have the greatest freedom and can occupy a much larger number of possible arrangements.
Therefore:
[bookmark: _5w5m2zwyfhal]Melting
solid → liquid
ΔS > 0
[bookmark: _za3uxsbh2yj]Vaporization
liquid → gas
ΔS > 0
[bookmark: _l8yruoa8zgun]Sublimation
solid → gas
ΔS > 0
[bookmark: _mfgrhr9weswf]Freezing
liquid → solid
ΔS < 0
[bookmark: _9nep7hwz5a1e]Condensation
gas → liquid
ΔS < 0

[bookmark: _ge7nemc9kk1p]3. Gas Particles and Entropy
The number of gas particles is often useful when predicting ΔS for a reaction.
Example:
N₂(g) + 3H₂(g) → 2NH₃(g)
Reactants:
4 mol gas
Products:
2 mol gas
There are fewer gaseous particles after the reaction.
Therefore:
ΔS is likely negative.

[bookmark: _dt4ei15jng1o]Opposite Example
CaCO₃(s) → CaO(s) + CO₂(g)
A gas is produced from substances that were originally solids.
The number of possible particle arrangements increases greatly.
Therefore:
ΔS is positive.

[bookmark: _87ca4eipuuw9]4. Other Factors Affecting Entropy
Entropy generally increases when:
· a solid becomes a liquid
· a liquid becomes a gas
· the number of gas particles increases
· particles become more spread out
· temperature increases
· substances mix or dissolve in many cases
· molecular complexity increases
These are useful trends, but AP questions may require you to explain them at the particle level.

[bookmark: _d7cfj4d2avzk]5. Standard Molar Entropy
The standard molar entropy of a substance is represented by:
S°
Typical units:
J/(mol·K)
Unlike standard enthalpy of formation, the standard entropy of an element in its standard state is not automatically zero at ordinary temperatures.
That distinction is important.

[bookmark: _odx7ln4bcnwo]Third-Law Idea
A perfect pure crystal approaches zero entropy at:
0 K
because there is essentially one perfectly ordered arrangement.
At temperatures above 0 K, substances generally have entropy greater than zero.

[bookmark: _e40uxu8ufjih]6. Calculating Standard Entropy Change
For a reaction:
ΔS°rxn = ΣnS°products − ΣnS°reactants
This looks similar to the standard enthalpy equation from Unit 6.
Remember to multiply each entropy value by its coefficient.

[bookmark: _z8u1ft9y6kh]Example
Suppose:
A + 2B → C
Then:
ΔS°rxn = S°C − [S°A + 2S°B]

[bookmark: _29m0t34lzll4]7. Enthalpy Alone Cannot Determine Favorability
Unit 6 focused heavily on:
ΔH
You learned:
ΔH < 0 → exothermic
ΔH > 0 → endothermic
But whether a reaction releases heat does not by itself determine whether the reaction is thermodynamically favored.
Both enthalpy and entropy matter.
This leads to Gibbs free energy.

[bookmark: _eka8wmshvjaa]8. Gibbs Free Energy
Gibbs free energy is represented by:
G
The change in Gibbs free energy is:
ΔG
Under standard conditions:
ΔG°
The key equation is:
ΔG° = ΔH° − TΔS°
where:
· ΔG° = standard Gibbs free-energy change
· ΔH° = standard enthalpy change
· T = Kelvin temperature
· ΔS° = standard entropy change

[bookmark: _xng5suqb2bsv]9. Units in Gibbs Free-Energy Problems
This is a very common source of mistakes.
ΔH is often given in:
kJ/mol
while ΔS is often:
J/(mol·K)
Before using:
ΔG = ΔH − TΔS
make sure ΔH and TΔS use matching energy units.
For example:
150 J/(mol·K) = 0.150 kJ/(mol·K)

[bookmark: _pufktzp1jj3g]10. Meaning of ΔG
[bookmark: _qzmdp1gr5qjz]If ΔG < 0
The forward process is:
thermodynamically favored
[bookmark: _uzxip2fcjlr4]If ΔG > 0
The forward process is:
thermodynamically unfavored
The reverse process is favored.
[bookmark: _3fjs4bss93yd]If ΔG = 0
The system is at:
equilibrium

[bookmark: _jerretkwh9kt]11. Favorable Does Not Mean Fast
This is one of the most important connections between Units 5 and 9.
Thermodynamics tells you whether a process is energetically favored.
Kinetics tells you how quickly it happens.
A reaction can have:
ΔG < 0
and still occur extremely slowly if it has a large activation-energy barrier.
Therefore:
thermodynamically favored ≠ fast

[bookmark: _efi0avumh2fa]12. Enthalpy, Entropy, and Temperature
Start with:
ΔG = ΔH − TΔS
Whether ΔG is negative depends on the signs of ΔH and ΔS.

[bookmark: _sb3czi1e8pyy]Case 1
ΔH < 0
ΔS > 0
Both terms favor negative ΔG.
Therefore the reaction is:
favored at all temperatures

[bookmark: _np6fp7nnas0j]Case 2
ΔH > 0
ΔS < 0
Both terms work against the reaction.
Therefore the reaction is:
unfavored at all temperatures

[bookmark: _ntlvfwvnwfv2]Case 3
ΔH < 0
ΔS < 0
The enthalpy term favors the reaction.
The entropy term works against it because:
−T(negative ΔS) = positive contribution
Therefore the reaction tends to be:
favored at low temperature
and
unfavored at high temperature

[bookmark: _kgh3hwritkw]Case 4
ΔH > 0
ΔS > 0
The enthalpy term works against the reaction.
The entropy term favors it because:
−T(positive ΔS) = negative contribution
Therefore the reaction tends to be:
unfavored at low temperature
and
favored at high temperature

[bookmark: _mk07vst8xhl4]13. Temperature Favorability Table
	ΔH
	ΔS
	Thermodynamic Favorability

	negative
	positive
	favored at all T

	positive
	negative
	unfavored at all T

	negative
	negative
	favored at low T

	positive
	positive
	favored at high T


This table is worth knowing.

[bookmark: _c9i1dohy8923]14. Finding the Crossover Temperature
At the temperature where favorability changes:
ΔG = 0
So:
0 = ΔH − TΔS
Rearrange:
T = ΔH / ΔS
Use matching units.
The resulting temperature should normally be in Kelvin.

[bookmark: _lt8r32innc8d]15. Standard Free Energy of Formation
Standard free energy of formation is represented by:
ΔG°f
It is the free-energy change associated with forming 1 mol of a substance from its elements in their standard states.
For an element in its standard state:
ΔG°f = 0
Examples include substances such as:
· O₂(g)
· N₂(g)
· H₂(g)
when those are the element's standard forms.

[bookmark: _77gtoy2q0pjl]16. Calculating ΔG°rxn From Formation Values
Use:
ΔG°rxn = ΣnΔG°f(products) − ΣnΔG°f(reactants)
This works like the ΔH°f equation from Unit 6.
Always include coefficients.

[bookmark: _4q4zvn205gz6]17. Free Energy of Dissolution
Dissolving a substance involves competition among several interactions.
Conceptually, dissolution can involve:
1. separating solute particles
2. separating some solvent particles
3. forming attractions between solute and solvent
Breaking existing attractions requires energy.
Forming new attractions releases energy.
Entropy also changes because dissolved particles can become more dispersed throughout the solution.
Whether dissolution is thermodynamically favored depends on the combined effect of:
ΔH and ΔS
through:
ΔG = ΔH − TΔS

[bookmark: _7y0a4ntrao9v]18. Endothermic Dissolution Can Still Be Favored
A common mistake is:
If dissolving absorbs heat, it cannot happen naturally.
That is false.
Suppose:
ΔH > 0
but:
ΔS > 0
If the entropy term is large enough:
TΔS > ΔH
then:
ΔG < 0
and dissolution can still be thermodynamically favored.

[bookmark: _7eireyed53mb]19. Thermodynamics vs. Kinetics
Keep these ideas separate.
[bookmark: _izqigkzejg4j]Thermodynamics
Questions like:
Is the process favored?
Important quantities:
· ΔH
· ΔS
· ΔG
· K
[bookmark: _rek8sn49n6zx]Kinetics
Questions like:
How fast will it occur?
Important quantities:
· activation energy
· reaction mechanism
· rate law
· rate constant
A catalyst affects kinetics.
A catalyst does not make ΔG more negative.

[bookmark: _kn7uzsiden7m]20. Standard vs. Nonstandard Free Energy
ΔG° describes a reaction under standard-state conditions.
Actual laboratory conditions are often not standard.
For nonstandard conditions:
ΔG = ΔG° + RT ln Q
where:
· ΔG = free-energy change under current conditions
· ΔG° = standard free-energy change
· R = gas constant
· T = temperature in K
· Q = reaction quotient
Use:
R = 8.314 J/(mol·K)
when energy is in joules.

[bookmark: _z61ghzs3ziqp]21. Using Q to Understand ΔG
Remember from Unit 7:
Q < K → reaction shifts right
Q > K → reaction shifts left
Q = K → equilibrium
Free energy tells the same story.
[bookmark: _vsmijbwdc09]Q < K
ΔG < 0
Forward reaction favored.
[bookmark: _ndgqrzg9mopp]Q > K
ΔG > 0
Reverse reaction favored.
[bookmark: _agge7t4d7jde]Q = K
ΔG = 0
System is at equilibrium.

[bookmark: _nui3imv9mtls]22. ΔG° and the Equilibrium Constant
At equilibrium:
ΔG = 0
and:
Q = K
Combining the free-energy equations gives:
ΔG° = −RT ln K
This equation connects thermodynamics directly with equilibrium.

[bookmark: _ljvxstrqwqv]23. Interpreting ΔG° and K
If:
ΔG° < 0
then:
K > 1
Products are favored.
If:
ΔG° > 0
then:
K < 1
Reactants are favored.
If:
ΔG° = 0
then:
K = 1
Neither side is strongly favored under standard-state comparison.

[bookmark: _olqbgbnof9at]24. Very Important Connection
You should recognize these as describing the same basic idea:
[bookmark: _7e0jalz85b57]Products favored
ΔG° < 0
K > 1
[bookmark: _61jsykon1bep]Reactants favored
ΔG° > 0
K < 1

[bookmark: _72lpatjz1or2]25. Coupled Reactions
Sometimes a thermodynamically unfavored reaction can occur by being connected to a strongly favored reaction.
This is called:
reaction coupling
Suppose:
Reaction 1:
ΔG° = +20 kJ
Reaction 2:
ΔG° = −50 kJ
If they are coupled properly:
ΔG°overall = +20 + (−50)
= −30 kJ
The overall process is thermodynamically favored.

[bookmark: _yd6iqgjmgtri]26. Rules for Combining ΔG
Free energy behaves like enthalpy in this way.
If reactions are added:
add ΔG values
If a reaction is reversed:
change the sign of ΔG
If the equation is multiplied:
multiply ΔG by the same factor

[bookmark: _6isvbozh6zyd]27. Introduction to Electrochemistry
Electrochemistry connects:
redox reactions ↔ electrical energy
Recall:
[bookmark: _wvshq56mu0do]Oxidation
loss of electrons
[bookmark: _gb6vfqa5jawx]Reduction
gain of electrons
Remember:
OIL RIG

[bookmark: _lbk2v7n6ui9f]28. Electrochemical Cells
Electrochemical cells separate oxidation and reduction into different locations.
There are two major types:
[bookmark: _7z5ywvprdo93]Galvanic / Voltaic Cell
Uses a thermodynamically favored redox reaction to produce electrical energy.
[bookmark: _27mz8eu8uwnf]Electrolytic Cell
Uses external electrical energy to drive a thermodynamically unfavored reaction.

[bookmark: _5imycqd2ethw]29. Anode and Cathode
This never changes:
[bookmark: _xdx9qyiqes29]Anode
oxidation occurs
[bookmark: _wf27f3au75y6]Cathode
reduction occurs
Remember:
AN OX
Anode = Oxidation
RED CAT
Reduction = Cathode
These rules work for both galvanic and electrolytic cells.

[bookmark: _rcoxd8clx8fz]30. Electron Flow
Electrons move through the external wire:
anode → cathode
Why?
Electrons are produced by oxidation at the anode.
They are consumed by reduction at the cathode.

[bookmark: _s1n8hec48v4f]31. Galvanic Cell Example
Consider:
Zn(s) + Cu²⁺(aq) → Zn²⁺(aq) + Cu(s)
Half-reactions:
[bookmark: _lmy0mw425c2w]Anode
Zn → Zn²⁺ + 2e⁻
Oxidation.
[bookmark: _1agjpx1v4dtl]Cathode
Cu²⁺ + 2e⁻ → Cu
Reduction.
Electrons travel:
Zn electrode → Cu electrode

[bookmark: _3nvxorf7b2ri]32. Electrode Mass Changes
In the zinc-copper example:
At the Zn anode:
Zn(s) → Zn²⁺
Zn atoms leave the electrode.
Therefore:
Zn electrode mass decreases
At the Cu cathode:
Cu²⁺ → Cu(s)
Cu is deposited.
Therefore:
Cu electrode mass increases

[bookmark: _7jp6puo959uv]33. Salt Bridge
A salt bridge allows ions to move between the half-cells.
Its job is to:
maintain electrical neutrality
Without ion movement, charge would quickly build up and electron flow would stop.

[bookmark: _vd3b0q2bkisp]In a Galvanic Cell
At the anode, positive ions are often produced.
Anions from the salt bridge migrate toward the anode compartment.
At the cathode, positive ions are often consumed.
Cations from the salt bridge migrate toward the cathode compartment.

[bookmark: _gu88kjpjxxse]34. Signs of Electrodes
For a galvanic cell:
anode = negative
cathode = positive
For an electrolytic cell:
anode = positive
cathode = negative
Do not memorize the electrode sign as part of the definition.
Instead always remember:
anode = oxidation
cathode = reduction
Those never change.

[bookmark: _61gbdlygweq5]35. Standard Cell Potential
Electrical potential is represented by:
E
Under standard conditions:
E°cell
Measured in:
volts (V)
A positive standard cell potential indicates that the reaction as written is thermodynamically favored under standard conditions.

[bookmark: _e5pab1qemy0q]36. Standard Reduction Potentials
Tables usually list reactions as reductions.
The more positive the reduction potential:
the greater the tendency for that species to be reduced
The half-reaction with the more positive reduction potential usually serves as the cathode reaction in a spontaneous galvanic cell.

[bookmark: _bvovwi5ntoyw]37. Calculating Standard Cell Potential
Using reduction potentials:
E°cell = E°cathode − E°anode
Both values are taken from the table as reduction potentials.

[bookmark: _z9vc28nd14l0]Example
Suppose:
Cu²⁺ + 2e⁻ → Cu
E° = +0.34 V
and:
Zn²⁺ + 2e⁻ → Zn
E° = −0.76 V
Cu is reduced at the cathode.
Zn is oxidized at the anode.
Therefore:
E°cell = 0.34 − (−0.76)
= 1.10 V

[bookmark: _j505uproi47w]38. Do Not Multiply Electrode Potentials
If you multiply a half-reaction by 2 to balance electrons:
do NOT multiply E° by 2
Cell potential is an intensive property.
This is a very common AP Chemistry mistake.

[bookmark: _1t7qzcutt1n6]39. Cell Potential and Gibbs Free Energy
The major equation is:
ΔG° = −nFE°
where:
· n = moles of electrons transferred
· F = Faraday constant
· E° = standard cell potential
Faraday constant:
F ≈ 96,485 C/mol e⁻

[bookmark: _1mh1aap28ere]40. Connecting E° and ΔG°
If:
E° > 0
then:
ΔG° < 0
Reaction is thermodynamically favored.
If:
E° < 0
then:
ΔG° > 0
Reaction is thermodynamically unfavored.
At equilibrium:
E = 0
and:
ΔG = 0

[bookmark: _yy1nubxrz4o6]41. Electrochemistry and Equilibrium
Combine:
ΔG° = −RT ln K
and:
ΔG° = −nFE°
So:
nFE° = RT ln K
This creates another important connection.

[bookmark: _3qs04su49pgp]If E° > 0
Then:
K > 1
Products favored.
[bookmark: _q0srz344ns23]If E° < 0
Then:
K < 1
Reactants favored.

[bookmark: _bajgmvbsr75c]42. The Big Thermodynamic Connection
You should recognize:
[bookmark: _acibwkp0valr]Favored forward reaction
ΔG° < 0
E°cell > 0
K > 1
[bookmark: _lwecevit42e5]Unfavored forward reaction
ΔG° > 0
E°cell < 0
K < 1
This relationship is extremely important.

[bookmark: _k750xkggd9pr]43. Nonstandard Cell Potential
Electrochemical cells do not always operate under standard conditions.
Actual cell potential depends on concentrations or partial pressures.
This is described by the:
Nernst equation
At 25°C:
E = E° − (0.0592 V / n) log Q
where:
· E = current cell potential
· E° = standard cell potential
· n = electrons transferred
· Q = reaction quotient

[bookmark: _9znrmljun832]44. Understanding the Nernst Equation
For a spontaneous cell reaction, as products build up:
Q increases
As Q moves toward K:
E decreases
Eventually at equilibrium:
Q = K
and:
E = 0
The battery can no longer produce net electrical work.

[bookmark: _la35ir1g09dk]45. Standard Conditions and the Nernst Equation
At standard conditions:
Q = 1
Since:
log 1 = 0
the Nernst equation becomes:
E = E°

[bookmark: _mj577sh4lyap]46. Galvanic vs. Electrolytic Cells
[bookmark: _qw2cyob5duy7]Galvanic Cell
· thermodynamically favored reaction
· converts chemical energy to electrical energy
· Ecell > 0 for favored direction
· ΔG < 0
· anode negative
· cathode positive
[bookmark: _cq5lj17a4sku]Electrolytic Cell
· thermodynamically unfavored reaction is forced
· converts electrical energy into stored chemical energy
· requires an external power source
· anode positive
· cathode negative
But again:
oxidation is always at the anode
reduction is always at the cathode

[bookmark: _8yefbgs47dm4]47. Electrolysis
Electrolysis uses electrical energy to drive a redox reaction that would not proceed in the desired direction on its own.
Common applications include:
· metal plating
· purification of metals
· production of substances from molten or aqueous ionic compounds
For AP Chemistry, the important part is usually the quantitative relationship between current, time, electrons, and chemical amount.

[bookmark: _d4kg8e8nq0t1]48. Electrical Current and Charge
Current is:
I = q/t
Therefore:
q = It
where:
· I = current in amperes
· q = charge in coulombs
· t = time in seconds
Remember:
1 ampere = 1 coulomb/second

[bookmark: _inn8lux7v41f]49. Faraday's Law Calculations
One mole of electrons carries approximately:
96,485 C
So:
mol e⁻ = charge / F
or:
mol e⁻ = It/F
Then use the balanced half-reaction to convert electrons into the amount of substance produced or consumed.

[bookmark: _9wpfumgyp3v4]50. Electrolysis Workflow
For most quantitative electrolysis problems:
current × time → charge → moles e⁻ → moles substance → grams

[bookmark: _qkp15tvovjuw]Example Structure
Suppose metal ion:
M²⁺ + 2e⁻ → M
If you determine that:
0.100 mol e⁻
passed through the cell, then:
0.100 mol e⁻ × (1 mol M / 2 mol e⁻)
= 0.0500 mol M
Then use molar mass to find grams.

[bookmark: _7l3vp283jm4n]51. Time Must Be in Seconds
If current is given in amperes:
A = C/s
so time should be converted to:
seconds
Example:
10.0 min × 60 s/min = 600 s

[bookmark: _wfat2v7ahrbe]52. Electron Stoichiometry Matters
Do not automatically assume:
1 mol e⁻ = 1 mol metal
Example:
Al³⁺ + 3e⁻ → Al
requires:
3 mol electrons per 1 mol Al
while:
Ag⁺ + e⁻ → Ag
requires only:
1 mol electron per 1 mol Ag

[bookmark: _79bfywwanr6g]53. Major Unit 9 Equations
[bookmark: _gw9y6xviu3p0]Entropy
ΔS°rxn = ΣnS°products − ΣnS°reactants

[bookmark: _yca6jqgahlaz]Gibbs Free Energy
ΔG° = ΔH° − TΔS°

[bookmark: _vq7dld9cytuz]Standard Free Energy of Reaction
ΔG°rxn = ΣnΔG°f(products) − ΣnΔG°f(reactants)

[bookmark: _dxdmr33kk3kx]Nonstandard Free Energy
ΔG = ΔG° + RT ln Q

[bookmark: _tl9hasa3rzhk]Free Energy and Equilibrium
ΔG° = −RT ln K

[bookmark: _fnkojsh4ivp0]Cell Potential
E°cell = E°cathode − E°anode

[bookmark: _fvypc1oxvjrd]Cell Potential and Free Energy
ΔG° = −nFE°

[bookmark: _jxwejbc29e6d]Nernst Equation at 25°C
E = E° − (0.0592/n)logQ

[bookmark: _obaumc1gmjth]Electrical Charge
q = It

[bookmark: _t2l7y8bccdhi]Faraday Conversion
mol e⁻ = q/F
with:
F = 96,485 C/mol e⁻

[bookmark: _b1nh35pbkfpn]54. Important Sign Relationships
[bookmark: _pnh75f1f74gp]Gibbs Free Energy
ΔG < 0 → forward favored
ΔG > 0 → reverse favored
ΔG = 0 → equilibrium

[bookmark: _p5rodx3m4le]Cell Potential
E > 0 → forward favored
E < 0 → forward unfavored
E = 0 → equilibrium

[bookmark: _xfbrplq3ed6r]Equilibrium Constant
K > 1 → products favored
K < 1 → reactants favored

[bookmark: _b80n1vn3fb2e]55. Must-Know Relationship
Memorize this connection:
ΔG° < 0 ↔ E° > 0 ↔ K > 1
and:
ΔG° > 0 ↔ E° < 0 ↔ K < 1
At equilibrium:
ΔG = 0
E = 0
Q = K

[bookmark: _u06ki7pey3cb]Common Mistakes
[bookmark: _zbz9y190kaqw]Mistake 1
Thinking entropy only means "messiness."
Better idea:
entropy relates to energy dispersal and number of possible microstates.

[bookmark: _ov1pwvzc41t9]Mistake 2
Assuming exothermic means thermodynamically favored.
Not always.
You must consider:
ΔG = ΔH − TΔS

[bookmark: _xe29rhbf2sb6]Mistake 3
Assuming favored means fast.
Thermodynamics and kinetics are different.
A favored process may still have a large activation barrier.

[bookmark: _qkzxpj2k4ei7]Mistake 4
Using Celsius in Gibbs calculations.
Use:
Kelvin

[bookmark: _jas5lrel63y0]Mistake 5
Mixing joules and kilojoules.
If ΔH is in kJ, convert ΔS into:
kJ/K
before multiplying by temperature.

[bookmark: _f298qg8x1v9h]Mistake 6
Assuming ΔG° and ΔG are the same.
ΔG° applies to standard-state comparison.
ΔG depends on the actual conditions through Q.

[bookmark: _q5mrm2wpt7hf]Mistake 7
Forgetting that at equilibrium:
ΔG = 0
not necessarily:
ΔG° = 0

[bookmark: _2yvbs3aumeik]Mistake 8
Thinking anode always means negative.
False.
The electrode signs change between galvanic and electrolytic cells.
The definition does not change:
anode = oxidation

[bookmark: _9o2qd6iv916q]Mistake 9
Thinking cathode always means positive.
Again, only true for a galvanic cell.
Always use:
cathode = reduction

[bookmark: _5gu8hi4w0qhi]Mistake 10
Reversing electron flow.
Electrons always flow through the external circuit:
anode → cathode

[bookmark: _59c0p18u7o9x]Mistake 11
Multiplying E° when multiplying a half-reaction.
Do not multiply standard electrode potentials.

[bookmark: _i9610z2utcxl]Mistake 12
Forgetting the salt bridge.
The salt bridge maintains charge balance and allows the circuit to continue operating.

[bookmark: _7b2etgby3p80]Mistake 13
Using the wrong n in:
ΔG° = −nFE°
n is the number of moles of electrons transferred in the balanced overall redox reaction.

[bookmark: _xyiln6mognhv]Mistake 14
Using minutes directly with amperes.
Convert time to seconds before:
q = It

[bookmark: _g9io8dhj6lgq]AP-Style Reasoning Connections
[bookmark: _w1ztxkwdakv2]Entropy
Do not simply say:
"Entropy increases because disorder increases."
A stronger explanation is:
The particles can occupy a larger number of possible positions and energy arrangements, so the number of accessible microstates increases.

[bookmark: _no4fjovu7p2j]Temperature and Favorability
For:
ΔH > 0 and ΔS > 0
a good explanation is:
At higher temperature, the favorable −TΔS term becomes large enough in magnitude to overcome the positive ΔH term, causing ΔG to become negative.

[bookmark: _m5aujejjxha6]Electrochemical Cells
If asked why electrons flow:
The thermodynamically favored redox reaction separates oxidation and reduction, causing electrons released at the anode to travel through the external circuit to the cathode, where they are consumed.

[bookmark: _q5tzbn2vmdsn]Why Voltage Falls During Cell Operation
As a galvanic cell operates:
· reactants are consumed
· products form
· Q moves toward K
· driving force decreases
· E decreases
At equilibrium:
Q = K
and:
E = 0

[bookmark: _kv0z6gshc8fs]Unit 9 Problem-Solving Workflows
[bookmark: _jv7kf2qrqx51]Gibbs Free Energy From H and S
identify ΔH and ΔS → convert units → convert T to K → use ΔG = ΔH − TΔS → interpret sign

[bookmark: _igk5dut4hmjv]Temperature Where Favorability Changes
Set:
ΔG = 0
Then:
T = ΔH/ΔS

[bookmark: _ui0ly2akrq5r]Free Energy From Formation Data
products − reactants
using:
ΔG°rxn = ΣnΔG°f(products) − ΣnΔG°f(reactants)

[bookmark: _qde2txrrcfhr]Free Energy and Equilibrium
Use:
ΔG° = −RT ln K
Then interpret:
negative ΔG° → large K

[bookmark: _bn31h9rdrf65]Electrochemical Cell
1. identify oxidation
2. identify reduction
3. identify anode
4. identify cathode
5. balance electrons
6. determine electron direction
7. calculate E° if necessary

[bookmark: _huqg9pmn67bw]Standard Cell Potential
E°cell = E°cathode − E°anode

[bookmark: _1sl2x2f7xe93]Free Energy From Cell Potential
balance redox reaction → find n → use ΔG° = −nFE°

[bookmark: _io3gwgb16h7]Nernst Equation
write overall reaction → calculate Q → determine n → use E = E° − (0.0592/n)logQ
at 25°C.

[bookmark: _pyn6q29oof3i]Electrolysis
I × t → coulombs → moles electrons → mole ratio → moles product → grams

[bookmark: _brvffva7ccq6]Final Unit 9 Checklist
Before a Unit 9 test, you should be able to:
· explain entropy using microstates
· predict the sign of ΔS
· calculate ΔS°rxn
· use ΔG = ΔH − TΔS
· determine whether a process is thermodynamically favored
· determine how temperature affects favorability
· calculate a crossover temperature
· calculate ΔG° from formation values
· explain thermodynamics vs. kinetics
· relate ΔG, Q, and K
· use ΔG° = −RT ln K
· explain coupled reactions
· identify oxidation and reduction
· identify anode and cathode
· explain electron flow
· explain the salt bridge
· distinguish galvanic from electrolytic cells
· calculate E°cell
· use ΔG° = −nFE°
· connect E°, ΔG°, and K
· use the Nernst equation
· calculate charge from current and time
· use Faraday's constant
· solve quantitative electrolysis problems

[bookmark: _gdhll940chzd]The Most Important Unit 9 Connections
If you remember only a few things, remember these:
[bookmark: _2fhmi758uiiz]Thermodynamic Favorability
ΔG < 0 → favored

[bookmark: _7dmw08v6x0eo]Gibbs Equation
ΔG = ΔH − TΔS

[bookmark: _g1srzge09r9j]Equilibrium
ΔG° = −RT ln K

[bookmark: _jtv066vjugg]Electrochemistry
ΔG° = −nFE°

[bookmark: _nqyc7dggb4w]The Big Connection
ΔG° < 0 ↔ E° > 0 ↔ K > 1

[bookmark: _dqa0zk3au7hm]Electrodes
Anode = oxidation
Cathode = reduction
Electrons: anode → cathode

[bookmark: _lafqcy9fbyy]Electrolysis
q = It
then:
charge → mol e⁻ → mol substance
Unit 9 is basically the point where AP Chemistry ties together energy, equilibrium, redox chemistry, and electricity into one system.

