AP* Chemistry
THERMOCHEMISTRY
Let’s begin with terms for you to master:


Energy (E) – the ability to do work or produce heat ; the sum of all potential and kinetic energy in a system
is known as the internal energy of the system





Potential energy – energy by virtue of position.
In chemistry this is usually the energy stored in
bonds (i.e., when gasoline burns there are
differences in the attractive forces between the
nuclei and the electrons in the reactants and the
products) When bonded atoms are separated, the PE
is raised because energy must be added to overcome
the coulombic attraction between each nucleus and
the shared electrons.
When atoms bond, the above mentioned coulombic
attraction results in energy being released and a
subsequently lower PE.
Kinetic energy – energy of motion (translational,
rotational & vibrational motion of particles in our
case), proportional to Kelvin temperature; kinetic energy depends on the mass and the velocity of the
object: KE = ½ mv2
Check out this simulation regarding the Boltzmann distribution:
http://phet.colorado.edu/en/simulation/atomic-interactions
And this one regarding the effect of temperature on molecular motion:
http://phet.colorado.edu/en/simulation/states-of-matter-basics

 Law of Conservation of Energy – You may know it as “energy is never created nor destroyed” which
implies that any change in energy of a system must be balanced by the transfer of energy either into or out
of the system.

AKA energy of the universe is constant & the First Law of Thermodynamics
Heat (q) – Two systems with different temperatures that are in thermal contact will exchange thermal
energy, the quantity of which is call heat. This transfer of energy in a process (flows from a warmer object
to a cooler one, transfers heat because of temperature difference but, remember, temperature is not a
measure of energy—it just reflects the motion of particles)
Temperature (T)—is proportional to the average kinetic energy of the molecules, KEave .
“Heat ‘em up and speed ‘em up” as you saw in the states of matter animation.
 Enthalpy (H)– flow of energy (heat exchange) at constant pressure when two systems are in contact.
 Enthalpy of reaction (∆Hrxn) – amount of heat released (negative values) or absorbed (positive values)
by a chemical reaction at constant pressure in kJ/molrxn
 Enthalpy of combustion (∆Hcomb)—heat absorbed or released by burning (usually with O2) in
kJ/molrxn; note that combustion reactions yield oxides of that which is combusted
 Enthalpy of formation (∆Hf) – heat absorbed or released when ONE mole of compound is formed
from elements in their standard states in kJ/molrxn
 Enthalpy of fusion (∆Hfus)—heat absorbed to melt (overcome IMFs) 1 mole of solid to liquid @ MP
expressed in kJ/molrxn
Enthalpy of vaporization (∆Hvap)—heat absorbed to vaporize or boil (overcome IMFs) 1 mole liquid to

vapor @BP in kJ/molrxn
*AP is a registered trademark of the College Board, which was not involved in the production of this product. Special thanks to the contributions of
Lisa McGaw and David Wentz. © 2013 by René McCormick. All rights reserved.

 System – area of the universe we are focusing on (i.e., the experiment)
 Surroundings – everything outside of the system
 Endothermic – net absorption of energy (heat exchange) by the system; energy is a reactant; (i.e., baking
soda and vinegar when mixed get very cold to the touch) ; +ΔH
 Exothermic – net release of energy (heat exchange) by the system; energy is a product; (i.e., burning
methane gas in the lab burner produces heat; light sticks give off light which is also energy); −ΔH
 Entropy (s) – measure of the dispersal of matter and energy; increase dispersal +ΔS; decrease dispersal −ΔS
 Gibbs Free Energy (G)– criteria for determining thermodynamic favorability and calculating the
theoretical amount of energy to do work
 Thermodynamics – study of energy and its interconversions
 Work – force acting over distance in physics often expressed as work = −PΔV where gases are involved;
expressed in Joules or kJ
 Standard Conditions—you already know about STP, but recall that the T is STP is 0°C and humans are not
happy lab workers when it is that cold! So, think of standard conditions as standard lab conditions which
are 1 atm of pressure, 25°C (much more comfy!) and if solutions are involved, their concentration is 1.0 M.
All of this information is communicated by adding the symbol ° to G, H or S. So, if you see ΔH°, then you
automatically know the pressure, temperature and conditions that apply to that value!
 There has recently been a change in how enthalpy, entropy and free energy units are expressed. For
example, you may see ΔH° values expressed as kJ in older printed material. Currently, they should
be expressed in kJ/molrxn where the “molrxn” is “moles of reaction”. See Jim Spencer’s article on AP
Central for additional information.
ENERGY AND WORK
 Energy is often defined as
the “ability to do work”.

 ∆E = q (heat) + w
(work)
 Signs of q
 +q if heat absorbed
 –q if heat released
 Algebraic sign of w as it relates to work done by or work done
on gases
• + w if work done on the system (i.e., compression)
• −w if work done by the system (i.e., expansion)
 When related to gases, work is a function of
pressure
 Pressure is defined as force per unit of area, so
when the volume is changed work was either
done on the gas or by the gas.

work = −P∆V

Exercise 1
Internal Energy
Calculate ∆E for a system undergoing an endothermic process in which 15.6 kJ of heat flows and where
1.4 kJ of work is done on the system.

17.0 kJ
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Exercise 2
PV Work
Calculate the work associated with the expansion of a gas from 46 L to 64 L at a constant external pressure of
15 atm.

‒270 L•atm

Exercise 3
Internal Energy, Heat, and Work
A balloon is being inflated to its full extent by heating the air inside it. In the final stages of this process, the
volume of the balloon changes from 4.00 × 106 L to 4.50 × 106 L by the addition of 1.3 × 108 J of energy as
heat. Assuming that the balloon expands against a constant pressure of 1.0 atm, calculate ∆E for the process.
(To convert between L ⋅ atm and J, use 1 L ⋅ atm = 101.3 J.)

8.0 × 107 J
ENTHALPY
 Measure only the change in enthalpy, ∆H ( the difference between the potential energies of the products
and the reactants)
 ∆H is a state function
 ∆H = q at constant pressure (i.e. atmospheric
pressure)
 Enthalpy can be calculated from several
sources including:
 Stoichiometry
 Calorimetry
 From tables of standard values
 Hess’s Law
 Bond energies
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 Stoichiometrically:
Exercise 4
Upon adding solid potassium hydroxide pellets to water the following reaction takes place:
KOH(s) → KOH(aq) + 43 kJ/mol
Answer the following questions regarding the addition of 14.0 g of KOH to water:
Does the beaker get warmer or colder?
Is the reaction endothermic or exothermic?
What is the enthalpy change for the dissolution of the 14.0 grams of KOH?

Answers: (a) warmer (b) exothermic (c) −10.7 kJ/molrxn
 Calorimetry:
The process of measuring heat based on observing the temperature change when a body absorbs
or discharges energy as heat.
“Coffee Cup” calorimetry:
Coffee-cup calorimetry – in the lab this is how we experiment to find energy of a
particular system. We use a Styrofoam® cup, reactants that begin at the same temperature
and look for change in temperature. After all data is collected (mass or volume; initial
and final temperatures) we can use the specific formula to find the energy released or
absorbed. We refer to this process as constant pressure calorimetry. ** q = ∆H @ these
conditions**

Terms to know:
 Heat capacity – energy required to raise temp. by 1 degree (Joules/ °C)
 Specific heat capacity (Cp) – same as above but specific to 1 gram of substance and the experiment is
carried out at constant pressure. Constant pressure is achieved using open containers, so you will be doing
experiments of that kind in lab.
specific heat =

quantity of heat transferred
( g of material) (degrees of temperature change)

Molar heat capacity—same as above but specific to one mole of substance (J/mol K or J/mol °C )
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 Energy (q) released or gained at constant pressure: q = mCp∆T
q = quantity of heat (Joules or calories)
m = mass in grams
ΔT = Tf −Ti (final – initial)
Cp = specific heat capacity ( J/g°C)
 Specific heat of water (liquid state) = 4.184 J/g°C ( or 1.00 cal/g°C)
Water has one of the highest specific heats known! This property makes life on earth possible and regulates
earth’s temperature year round!
 Heat lost by substance = heat gained by water
 Units of Energy:
 calorie--amount of heat needed to raise the temp. of 1.00 gram of water 1.00 °C
 kilocalorie—1,000 calories AND the food label calorie with a capital C.
1
kg×m
KE = mv 2 units are
2
s2
 joule--SI unit of energy; 1 cal = 4.184 J
Exercise 5
In a coffee cup calorimeter, 100.0 mL of 1.0 M NaOH and 100.0 mL of 1.0 M HCl are mixed. Both
solutions were originally at 24.6°C. After the reaction, the final temperature is 31.3°C. Assuming that all
solutions have a density of 1.0 g/cm3 and a specific heat capacity of 4.184 J/g°C, calculate the enthalpy
change for the neutralization of HCl by NaOH. Assume that no heat is lost to the surroundings or the
calorimeter.

‒5.6 kJ/molrxn

Exercise 6
Enthalpy
When 1 mole of methane (CH4) is burned at constant pressure, 890 kJ/mol of energy is released as heat.
Calculate ∆H for a process in which a 5.8 gram sample of methane is burned at constant pressure.

∆H = heat flow = ‒320 kJ/molrxn
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Exercise 7

Constant-Pressure Calorimetry

When 1.00 L of 1.00 M Ba(NO3)2 solution at 25.0°C is mixed with 1.00 L of 1.00 M Na2SO4 solution at 25°C
in a calorimeter, the white solid BaSO4 forms and the temperature of the mixture increases to 28.1°C.
Assuming that the calorimeter absorbs only a negligible quantity of heat, and that the specific heat capacity of
the solution is 4.18 J/°C ⋅ g, and that the density of the final solution is 1.0 g/mL, calculate the enthalpy change
per mole of BaSO4 formed.

‒26 kJ/molrxn

 Tables:

♦ ∆Hf° = enthalpy of formation
= Production of ONE mole of compound FROM
its ELEMENTS in their standard states (°)
= ZERO (0.00) for ELEMENTS in standard states
♦ Standard States: 25°C (298 K), 1 atm, 1M

The “Big Mamma” Equation: ∆Hrxn = Σ ∆Hf (products) - Σ ∆Hf (reactants)
(also known as Hess’s Law)
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Exercise 8
Substance
NH4ClO4(s)
Al2O3(s)
AlCl3(s)
NO(g)
H2O(g)

∆Hf° (kJ/mol)
−295
−1676
−704
90.0
−242

Given the information above, calculate the ∆H°rxn for the following chemical reaction.
3 Al(s) + 3 NH4ClO4(s) → Al2O3(s) + AlCl3(s) + 3 NO(g) + 6 H2O(g)

‒2,677 kJ/molrxn (exo)

Exercise 9

C6H12O6(s) + 6 O2(g) → 6 CO2(g) + 6 H2O() + 2800 kJ

Occasionally, not all values are found in the table of thermodynamic data. For most substances it is impossible
to go into a lab and directly synthesize a compound from its free elements. The heat of formation for the
substance must be calculated by working backwards from its heat of combustion. Calculate the ∆Hf of
C6H12O6(s) given the combustion reaction above along with the following information.
Substance
CO2(g)
H2O()

∆Hf° (kJ/mol)
−393.5
−285.8

∆Hf ° for glucose = ‒1276 kJ/mol
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Exercise 10
The thermite reaction occurs when a mixture of powdered aluminum and
iron(III) oxide is ignited with a magnesium fuse. Using enthalpies of formation,
calculate the standard change in enthalpy for the thermite reaction:
2Al (s) + Fe2O3(s) → A12O3(s) + 2Fe(s)

‒850. kJ/molrxn
Enthalpy is independent of the reaction pathway. If you can find a combination of chemical equations that add
up to give you the desired overall equation, you can also sum up the ∆H’s for the individual reactions to get the
overall ∆Hrxn.
♦ First, decide how to rearrange equations such that the reactants and products are on appropriate sides of the
arrows in the chemical equation. It is often helpful to begin by working backwards from the final or
summary chemical equation.
♦ If an equation had to be reversed, also reverse the sign of ∆Hrxn
♦ If an equation had to be multiplied by a given factor to obtain correct coefficients, also multiply the
∆H rxn by this factor since ∆Hrxn’s are in kJ/MOLErxn (division applies similarly)
♦ Double check to ensure that everything cancels out to give you the exact summary chemical equation you
desire.
Exercise 11
Calculate the ∆H for this overall reaction 2 H3BO3(aq) → B2O3(s) + 3 H2O() given the following
equations:
H3BO3(aq) → HBO2(aq) + H2O()
∆H = −0.02 kJ/molrxn
H2B4O7(aq) + H2O() → 4 HBO2(aq)

∆ H = −11.3 kJ/molrxn

H2B4O7(aq) → 2 B2O3(s) + H2O()

∆ H = 17.5 kJ/molrxn

14.4 kJ/molrxn endothermic
Thermochemistry
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 Bond Energies
• Energy must be added/absorbed to BREAK bonds (endothermic) in order to overcome the
coulombic attraction between each nuclei and the shared electrons. Energy is released when
bonds are FORMED (exothermic) because the resultant coulombic attraction between the
bonded atoms lowers potential energy causing a release. This is a giant misconception among
students! Once again, it “takes” energy to break bonds and energy is released when a bond
forms.
•

∆H = sum (Σ) of the energies required to break old bonds (positive signs since energy is added to
the system) plus the sum of the energies released in the formation of new bonds (negative signs
since energy is lost from the system).

∆H = Σ Bond Energies broken – Σ Bond Energies formed
Exercise 12
Calculate the change in energy that accompanies the following reaction given the data below.
H2(g) + F2(g) → 2 HF(g)
Bond Type
H−H
F−F
H−F

Bond Energy
432 kJ/mol
154 kJ/mol
565 kJ/mol

−544 kJ/molrxn

 SUMMARY FOR ENTHALPY: What does it really tell you about the changes in energy regarding a
chemical reaction?
 ∆H = + reaction is endothermic and heat energy is added into the system
 ∆H = − reaction is exothermic and heat energy is lost from the system
(Nature tends toward the lowest energy state!)
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Speaking of bond energies, allow us to clear up some common misconceptions AND make
some dazzling connections.
Let’s start with the vocabulary used to describe phase changes. First, you must realize that the vocabulary is
“directional” (hence the arrows on this diagram) as well as very specific. You’ll have to mean what you say
and say what you mean when answering a free response question!
Phase transitions involving overcoming intermolecular attractions or IMFs
which should never be confused with ionic or covalent chemical bonds.
Fusion (melting), vaporization, and sublimation require an input of
energy to overcome the attractive forces between the particles of the
substance. NOTICE we did not speak of “breaking bonds”.
Freezing, condensation, and deposition (opposite of sublimation) release
energy as IMFs form since the particles achieve a lower energy state
mainly due to a decrease in temperature.

Is there a difference between a vapor and a gas? Yes, it’s primarily semantics. A gas is a gas at
room temperature, we don’t speak of “oxygen vapor”. However, we do use the term “vapor” when
the substance is normally a liquid or solid at room temperature. We say “water vapor”, “carbon
dioxide vapor”, “iodine vapor”, etc.
Be very, very clear that changes in the phases of matter involve altering IMFs, not altering
chemical bonds.*
The strength of the intermolecular attractions between molecules, and therefore the amount of
energy required to overcome these attractive forces (as well as the amount of energy released when
the attractions are formed) depends on the molecular properties of the substance, ionic, polar,
nonpolar, etc.
Generally, the more polar a molecule is, the stronger the attractive forces between molecules
are. Hence, more polar molecules typically require more energy to overcome the intermolecular
attractions in an endothermic phase transition, and release more energy by forming intermolecular
attractions during an exothermic phase transition.
Phase transitions involve the “breaking” or forming of intermolecular forces (attractive interactions
between molecules). Hence, as with other chemical reactions, it is necessary to discuss the energy
that is absorbed or given off during the breaking or forming of intermolecular interactions in a
phase transition.
*UNLESS you have a network solid or covalent network solid which is a chemical compound in which the atoms are bonded by
covalent bonds in a continuous network. In a network solid there are no individual molecules and the entire crystal may be considered
a macromolecule. Examples of network solids include diamond with a continuous network of carbon atoms and silicon dioxide or
quartz with a continuous three dimensional network of SiO2 units. Graphite and the mica group of silicate minerals structurally consist
of continuous two-dimensional layers covalently bonded within the layer with other bond types holding the layers together. That
means they essentially slide in sheets the way your pencil “lead” (actually graphite) glides across the page leaving a trail.
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You have probably seen a graph like this before arriving in AP Chemistry. Let’s make some additional
dazzling connections!
Suppose this heating curve is for water (it isn’t because the horizontal line for boiling  condensing is too
short. Why? (It takes WAY more energy to boil water than what is shown here due to having to overcome all
those IMFs called hydrogen bonds).

Take a moment and ponder the differences in molecular structure and molecular motion among the different states of
water represented above, the kinetic energy changes, and the potential energy changes.
1. Does the process above represent a collection of chemical changes, physical changes or both? Physical
changes.
2. What type of force is involved in the changes you identified in question 1? Intermolecular forces as opposed
to intramolecular forces (chemical bonds). Students may also specify exact IMFs such as H-bonding.
3. Define temperature: Temperature is defined as the average kinetic energy of the molecules.
4. Which conversions involve temperature changes? warming and cooling
5. Which mathematical formula is appropriate for calculating the energy associated with the processes you
identified in question 4? q = mcΔT
6. Which conversions involve potential energy changes? freezing, melting, condensing, boiling, vaporizing
7. Which mathematical formula is appropriate for calculating the energy associated with the processes you
identified in question 4? q = mΔHvap
8. How do you calculate q for the processes identified in number 6 if you are given only the mass of the water
sample? Simply divide the mass given by the molar mass of water to determine the number of moles involved,
then multiply by the enthalpy of vaporization or fusion.
9. Which portions of this graph represent equilibrium conditions? Phase changes: ice  water,

water  steam, the plateaus where temperature is not changing ∴only potential energy is changing as
system is absorbing or releasing heat. PE is added to overcome IMFs (melting or boiling) or released to
when IMFs form (condensing or freezing).
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AP* Chemistry
Entropy and Free Energy
WHAT DRIVES A REACTION TO BE THERMODYNAMICALLY FAVORABLE?
ENTHALPY (H) – heat exchange (exothermic reactions are generally favored)
ENTROPY (S) – dispersal (disorder) of the matter and energy of a system (more
dispersal/disorder is favored) Nature tends toward chaos! Think about your room at the
end of the week. Your mom knows this concept all too well.
Thermodynamically favored processes or reactions are those that involve both a
decrease in the internal energy of the components (ΔH < 0) and an increase in entropy
of the components (ΔS > 0). These processes are necessarily “thermodynamically
favored” (ΔG < 0) or negative. If you are using an older textbook, you may see these
reactions referred to as “spontaneous”. Avoid that language as you answer free-response questions!
Thermodynamically favored processes occur without outside intervention once the energy of activation has
been reached. Thermodynamics does not predict nor take into account the rate of the reaction. That is the
realm of kinetics. Some reactions are very fast (like combustion of hydrogen) other reactions are very slow
(like graphite turning to diamond) but both are thermodynamically favored.
The first law of thermodynamics: Energy can never be created nor destroyed. Therefore, the energy of the
universe is constant. This is simply a statement of the law of conservation of energy you’ve know about for
quite some time.
The second law of thermodynamics: the universe is constantly increasing the dispersal of matter and energy.
Rudolph Clausius “discovered” it and gave it its symbol.
The third law of thermodynamics: the entropy of a perfect crystal at 0 K is zero.
[Not a lot of perfect crystals out there so, entropy values are RARELY ever zero—even elements]
So what? This means the absolute entropy of a substance can then be determined at any temp. higher than
zero K. (Handy to know if you ever need to defend why G & H for elements = 0. . . . BUT S does not!)

*AP is a registered trademark of the College Board, which was not involved in the production of this product. Special thanks to the contributions
of Lisa McGaw and David Wentz. © 2013 by René McCormick. All rights reserved.

What is entropy? It’s difficult to narrow this concept down to a single definition, but let’s try anyway!
Entropy is a thermodynamic function that describes the number of arrangements (positions and/or energy
levels) that are available to a system existing in a given state. Entropy is closely related to probability. The
key concept is that the more ways a particular state can be achieved; the greater is the likelihood (probability)
of finding that state. In English…nature spontaneously proceeds toward the states that have the highest
probabilities of existing.
Let’s use a simple example, an ideal gas expanding into an evacuated
bulb. WHY is this process thermodynamically favorable? Simple, the
driving force is probability. Because there are more ways of having
the gas evenly spread throughout the container than there are ways for
it to be in any other possible state, the gas disperses attaining a
uniform distribution. The consequences are dramatic for large
numbers of molecules, as you can see at right.
Let’s simplify! How many possible microstates exist for a sample of
four ideal gas molecules in two bulbs of equal volume?
(Why ideal gas molecules? There are no pesky attractive forces to
influence their motion.)

Predicting the entropy of a system is based on physical evidence:







The greater the dispersal of matter and/or energy in a system, the larger the entropy.
The entropy of a substance always increases as it changes from solid to liquid to gas.
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.)
When a gas molecule escapes from a solvent, the entropy increases
Entropy generally increases with increasing molecular complexity (crystal structure: KCl vs. CaCl2) since there are
more MOVING electrons!
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!
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Exercise 1
Predicting Entropy Changes
Predict the sign of the entropy change for each of the following processes. Justify your answers.
a) Solid sugar is added to water to form a solution.

b) Iodine vapor condenses on a cold surface to form crystals.

a) positive
b) negative
Calculating Entropy from tables of standard values:
(You already know how to solve problems like this, just pay close attention to the UNITS!)
BIG MAMMA, verse 2:

Srxn =  S (products) -  S (reactants)

ΔS is + when dispersal/disorder increases (favored)
ΔS is – when dispersal/disorder decreases
NOTE: Units are usually J/(molrxn  K) (not kJ!)
Exercise 2
Calculate the entropy change at 25C, in J/(molrxn  K) for:
2 SO2(g) + O2(g)  2 SO3(g)
Given the following data:
SO2(g)
248.1 J/(mol K)
O2(g)
205.3 J/(mol K)
256.6 J/(mol  K)
SO3(g)

‒188.3 J/(molrxn  K)
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ENTROPY CHANGES AS THEY RELATE TO REVERSIBLE PHASE CHANGES
Phase changes occur at constant temperature and represent a system which is also in equilibrium ΔG = 0.

S 0 

q
heat transferred
J
 expressed in
temperature at which change occurs T
molrxn  K

**Where the heat supplied (endothermic) (q > 0) or evolved (exothermic) (q < 0) is divided by the
temperature in Kelvins
** It is important here to note if the reaction is endothermic or exothermic. The actual significance of this is
really dependent on the temperature at which the process occurs. (i.e., If you gave a millionaire $100 it would
not make much difference in his happiness; if you gave a poor college student $100 it would create a totally
different expression of happiness!)
EX:

water ( @ 100 C)  water (g @ 100C)

The entropy will increase for the forward reaction (vaporizing) since the reaction produces water in a less
condensed state, thus the molecules are more dispersed.
Exercise 3
Determining ∆Ssurr
In the metallurgy of antimony, the pure metal is recovered via different reactions, depending on the
composition of the ore. For example, iron is used to reduce antimony in sulfide ores:

Sb2S3(s) + 3 Fe(s)  2 Sb(s) + 3 FeS(s)

∆H = ‒125 kJ/molrxn

Carbon is used as the reducing agent for oxide ores:
Sb4O6(s) + 6 C(s)  4 Sb(s) + 6 CO(g)

∆H = 778 kJ/molrxn

Calculate ∆Ssurr for each of these reactions at 25C and 1 atm.

419 J/K molrxn & ‒2.61 × 103 J/Kmolrxn
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ENTROPY SUMMARY:

S = + MORE DISPERSAL (FAVORED CONDITION)
S = ‒ LESS DISPSERSAL
Whether a reaction will occur spontaneously may be determined by looking at the S of the universe.
ΔS system + ΔS surroundings = ΔS universe
IF ΔS universe is +, then reaction is thermodynamically favorable
IF ΔS universe is ‒, then reaction is NOT thermodynamically favorable
Consider
2 H2 (g) + O2 (g)  H2O (g) ignite & rxn is fast!

ΔSsystem = ‒88.9 J/( molrxn  K)

Therefore, the entropy declines mainly due to 3 moles of gas 2 moles of gas which is a more condensed or
less dispersed state!
To confirm we need to know entropy of surroundings!
ΔSsurroundings = q surroundings
T
ΔHsystem = ‒483.6 kJ/mol
The First Law of Thermodynamics demands that this energy is transferred from the system to the
surroundings so...
…Note that the change (increase or decrease) in the entropy of the surroundings is the result of energy flow
into or from the surroundings as a function of temperature, such that,
H surrounings H system
;
S surroundings 

T
T
 ‒ΔHsystem = ΔHsurroundings

OR

‒ (‒483.6 kJ) = +483.6 kJ

Now, ΔSsurroundings = ΔHsurroundings = + 483.6 kJ/molrxn = 1,620 J/( molrxn  K)
T
298 K
Now we can find ΔSuniverse
ΔSsystem + ΔSsurroundings = ΔSuniverse
J
J
J
88.9
 1620
 1530
(molrxn  K)
(molrxn  K)
(molrxn  K)
Even though the entropy of the system declines, the entropy change for the surroundings is SO VERY large
that the overall change for the universe is positive.
Bottom line: A process is thermodynamically favorable in spite of a negative entropy change as long as it is
EXTREMELY exothermic. In other words, sufficient exothermicity offsets system ordering.
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What is FREE ENERGY?
The calculation of Gibbs free energy, ΔG is what ultimately decides whether a reaction is thermodynamically
favored or not. A NEGATIVE sign on G indicates the reaction is thermodynamically favored.
G can be calculated several ways and links thermochemistry, entropy, equilibrium and electrochem together!
1. “Big Mamma” Equation, verse 3: Grxn =  G (products) −  G (reactants)

You already know how to calculate enthalpy and entropy, just substitute free energy values using
tables of standard values! So, calculating the standard molar free energy of formation is simply the
same song, 3rd verse. BOTH ΔHf and ΔGf = 0 for elements in their standard state and both bear
units of kJ/molrxn. You have no idea how handy this is going to be with regard to solving homework
problems and acing quizzes & exams! The Big Mamma equations are simply different versions of
Hess’s Law.
But, aw shucks! You’ve got to stop and look up S values rather them being zero as well. (Note the
lack of a “delta”. That’s not a typo! ) Only a perfect diamond at absolute zero has a S value = 0.
2. “Granddaddy Equation” for calculating Gibbs Free Energy for a system at constant
temperature : G = H - TS

By far, one of the most beneficial equations to learn for the AP exam! Case in point, taking favored
equilibrium conditions where ΔG = 0, into consideration, the equation rearranges rather quickly to
allow you to determine the absolute temperature at which a process becomes thermodynamically
favorable. Shall we? (At least indulge me!)

G  H   T S 
 0  H   T S  at equilibrium
H   T S  (negative signs cancel)
T S   H 
H 
T 
S 
3. Hess’s Law of Summation for a “new” reaction when given a series of chemical reactions and the
ΔG for each reaction. Hess’s Law of Summation works exactly the same as in the enthalpy
calculations; arrange a series of chemical equations for which you know the ΔGrxn to obtain the
“goal equation”. If you need to reverse an equation, then you change the sign of ΔGrxn and cross off
common moles of substances as you sum the equations to deliver the goal equation. If you double an
equation to obtain the goal, double the value of ΔGrxn, if you halve a reaction halve the value of
ΔGrxn for that reaction, etc.
4. “Rat Link” equation for calculating G  at standard conditions using the given temperature and
equilibrium constant, K: G = ‒RTlnK

Be sure to use the “energy R” 8.3145 J/molK
(I predict you’ll use this one the most!) In this case, the system is at equilibrium, so G = 0 and K

6
Entropy & Free Energy

represents the equilibrium constant under standard conditions.
P
K p  reactants still raised to power of coefficients
Pproducts
Knowing that K P  K c  RT  , where Δn is equal to the change in the number of moles of gas for the
n

reaction.
5. Solving for G  using the “minus nunfe” equation given the standard cell potential, Faraday’s
constant and the number of moles of electrons involved. Sounds far scarier than it is!
G = ‒ nFE where n = number of moles of electrons transferred in a balanced redox reaction, F is
Faraday’s constant 96,485 Coulombs/mole e− and E is the standard cell potential for the
electrochemical process. It’s also handy to know that 1 volt = 1 joule/coulomb so you’re units work
out as they should.
Exercise 4

2 H2O() + O2(g)  2 H2O2()
Calculate the free energy of formation for the oxidation of water to produce hydrogen peroxide given the
following information Gof values:
H2O()
‒56.7 kcal/molrxn
O2(g)
0 kcal/molrxn
H2O2()
‒27.2 kcal/molrxn

59.0 kcal/molrxn
Exercise 5

2 SO2(g) + O2(g)  2 SO3(g)
The reaction above was carried out at 25C and 1 atm. Calculate ∆H, ∆S, and ∆G using the following data:

∆H = ‒198 kJ/molrxn; ∆S = ‒187 J/Kmolrxn; ∆G = ‒142 kJ/molrxn
7
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Exercise 6

Cdiamond(s) + O2(g)  CO2(g) ∆G= ‒397 kJ
Cgraphite(s) + O2(g)  CO2(g) ∆G= ‒394 kJ

Calculate ∆G for the reaction
Cdiamond(s)Cgraphite(s)

‒3 kJ/molrxn

Exercise 7

The overall reaction for the corrosion (rusting) of iron by oxygen is
4 Fe(s) + 3 O2(g)  2 Fe2O3(s)
Using the following data, calculate the equilibrium constant for this reaction at 25C.

K = 10261
8
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The Gibbs equation can also be used to calculate the phase change temperature of a substance. During the
phase change, the system is in equilibrium, thus the value of G is zero.
Exercise 8
Calculate the thermodynamic boiling point of H2O()  H2O(g) given the following information:

ΔHvap = +44 kJ/molrxn

ΔSvap = 118.8 J/(Kmolrxn)

370 K
Exercise 9
For the reaction 2 CO(g) + O2(g)  2 CO2(g), the ΔG for the reaction is −257.2 kJ/molrxn. Calculate the
equilibrium constant at 25C.

1.27  1045

Exercise 10

N2(g) + 3 H2(g)  2 NH3(g)

Calculate the ΔG at 298 K for the reaction above if the reaction mixture consists of 1.0 atm nitrogen gas, 3.0
atm hydrogen gas and 1.0 atm ammonia gas. ΔG = −33.32 kJ/molrxn.

−54.4 kJ/molrxn
9
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SUMMARY:


If G is NEGATIVE, the reaction is thermodynamically favorable and Ecell would be POSITIVE



If G is ZERO, the reaction is at equilibrium and Ecell would also be ZERO

 If G is POSITIVE, the reaction is NOT thermodynamically favorable and Ecell would be NEGATIVE
Conditions of G:
H
negative
positive
negative
positive

S
positive
positive
negative
negative

Result
thermodynamically favorable at all temperatures
thermodynamically favorable at high temperatures
thermodynamically favorable at low temperatures
NOT thermodynamically favorable, EVER

Relationship of G to K and E:
G
0
negative
positive

K
at equilibrium; K = 1
>1, products favored
<1, reactants favored

E
0
positive
negative

COMMON MISCONCEPTIONS ABOUT THERMODYNAMIC FAVORIBILITY

“IF ΔG > 0 (positive thus NOT thermodynamically), the process cannot occur” Not true! External sources of
energy can be used to drive change in these cases.
Consider the following:
1. Electric current is applied to charge a battery. You probably describe the equilibrium condition for a
battery as “dead”. It’s not dead, it just reached equilibrium (and you can recharge it, but never to full
capacity again).
2. Light and photon absorption in the photosystems of a chloroplast causing photoionization during
photosynthesis.
3. Coupling a thermodynamically unfavorable reaction with one that is favorable as in the conversion of
ATP to ADP in biological systems.
“IF ΔG is large and negative, the process must proceed at a measurable rate. Not true!
Consider the following:
There are kinetic controls related to high activation energies such as
1. reactant molecules being held together by strong covalent bonds or strong IMFs
2. a required collision orientation
3. a required energy associated with collisions correctly oriented
10
Entropy & Free Energy

1 Potential Energy Diagrams Worksheet

2 Potential Energy Diagrams Worksheet

Potential Energy Diagrams Worksheet

9. Which species or group of species has the weakest bonds? _____________
10. Which species or group of species has the strongest bonds? _____________

CK-12 Foundation Chemistry
Name______________________ Date_________

Use the following Potential Energy Diagram to answer questions 1 - 12.

11. Which do you think would be faster at that the same temperature, the forward or
reverse reaction? _____________
12. What is the threshold energy for the forward reaction? _____________
13. In general, as reactant particles begin a collision, the potential energy
_____________ (increases, decreases, stays the same) and the kinetic energy
_____________ (increases, decreases, stays the same).
14. Describe what happens to two reactant particles that collide with less than the
activation energy.

Use the following Potential Energy Diagram to answer questions 15 - 22.

1. Is the overall reaction as shown exothermic or endothermic? _____________
2. What is the activation energy for the forward reaction? _____________
3. What is the activation energy for the reverse reaction? _____________
4. What is the enthalpy change for
5. What is the

for the forward reaction? ________________

for the reverse reaction? _____________

6. Is the reverse reaction exothermic or endothermic? _____________
7. Which species is the activated complex? __________________
8. Which species or group of species has the highest potential energy? _____________

15. What is the activation energy for the forward reaction? _____________
16. What is the activation energy for the reverse reaction? _____________

3 Potential Energy Diagrams Worksheet

17. What is the

for the forward reaction? _____________

18. What is the

for the reverse reaction? _____________

19. Is the forward reaction exothermic or endothermic? ______________
20. What is the threshold energy for the forward reaction? ______________
21. Which bond is stronger,

or

? _____________

22. Give a reason for your answer in question 21.

5. A piece of metal weighing 59.047 g was heated to 100.0 °C and then put it into 100.0 mL of water (initially at
23.7 °C). The metal and water were allowed to come to an equilibrium temperature, determined to be 27.8 °C.
Assuming no heat lost to the environment, calculate the specific heat of the metal.

Enthalpy (∆H) Worksheet
Calorimetry

1.

How much energy is needed to change the temperature of 50.0 g of water 15.0oC? (

= 4.184

)

2. How many grams of water can be heated from 20.0 oC to 75oC using 12500.0 Joules?

3. What is the final temperature after 840 Joules is absorbed by 10.0g of water at 25.0oC?

4. The heat capacity of aluminum is 0.900 J/goC.
a. How much energy is needed to raise the temperature of a 8.50 x 102g block of aluminum from 22.8oC to
94.6oC?

b. What is the heat capacity of aluminum per mole?

6. In a coffee-cup calorimeter, 100.0 mL of 1.0 M NaOH and 100.0 mL of 1.0 M HCl are mixed. Both solutions
were originally at 24.6 oC. After the reaction, the temperature is 31.3 oC. What is the enthalpy change for the
neutralization of HCl by NaOH?

Enthalpy (∆H) Worksheet
Standard enthalpy of formation table
Standard Enthalpies of Formation for Several Compounds
at 25oC
∆Hf
∆Hf
Compound
Compound
(kJ/mol)
(kJ/mol)
NH3 (g)
-46
CaO (s)
-636
NO2 (g)
34
C6H6 (l)
49.2
H2O (l)
-286
CaCO3(s)
-1207
CO2 (g)
-394
C2H4(g)
-1411

1. Use the standard heat of formation table to calculate the change in enthalpy for each reaction.
a. C2H4(g) + 3O2(g)

b. CaCO3(s)

2CO2(g) + 2H2O(l)

CaO(s) + CO2(g)

c. C6H6(l) + O2(g)

6CO(g) + 3H2O(l)

d. 4NH3(g) + 5O2(g)

4NO(g) + 6H2O(g)

P C.1 (pg 1 of 1)

Hess’ Law

1.

Oxidation of ClF by F2 yields liquid ClF3. Use the following thermochemical equations to apply Hess’ Law and calculate
∆Hºrx for the production of ClF3.
• 2ClF(g) + O2(g) → Cl2O(g) + OF2(g)
∆Hº = 167.5 kJ
• 2F2(g) + O2(g) → 2OF2(g)
∆Hº = -43.5 kJ
• 2ClF3(L) + 2O2(g) → Cl2O(g) + 3OF2(g)
∆Hº = 394.1 kJ

2.

Use the following information to find ∆Hºf of gaseous HCl.
• N2(g) + 3H2(g) → 2NH3(g)
∆Hºrx = -91.8 kJ
• N2(g) + 4H2(g) + Cl2(g) → 2NH4Cl(s)
∆Hºrx = -628.8 kJ
• NH3(g) + HCl(g) → NH4Cl(s)
∆Hºrx = -176.2 kJ

3.

The chemistry of nitrogen oxides is very versatile. Given the following reactions and their standard enthalpy changes,
calculate the heat of reaction for N2O3(g) + N2O5(s) → 2N2O4(g)
• NO(g) + NO2(g) → N2O3(g)
∆Hºrx = -39.8 kJ
• NO(g) + NO2(g) + O2(g) → N2O5(g)
∆Hºrx = -112.5 kJ
• 2NO2(g) → N2O4(g)
∆Hºrx = -57.2 kJ
• 2NO(g) + O2(g) → 2NO2(g)
∆Hºrx = -114.2 kJ
• N2O5(s) → N2O5(g)
∆Hºsubl = +54.1 kJ

Enthalpy (∆H) Worksheet
Bond Energies
4. a
Directions: Use the following table to calculate the enthalpy for each of the following reactions

5. a
1.

a

2. a

3. a

Entropy worksheet
1. Decide whether the entropy change of each of these systems is positive, negative or impossible to determine
without more information

→2

a. 2

+

(+)

(-)

?

(+)

(-)

?

(+)

(-)

?

(+)

(-)

?

e. Increase the pressure of a gas at constant temperature

(+)

(-)

?

f.

(+)

(-)

?

(+)

(-)

?

b. 4

+

c.

→

d. 2

→

→

+

+

Cooling one mole of an ideal gas

g. Expanding a gas into a vacuum

2. For each substance below, choose the one with the higher molar So at 298K
a. Hg (s) or Hg(l)

d. C2H6 (g) or C2H4 (g)

b. HI (g) or HCl (g)

e. H2 (1atm) or H2 (2 atm)

c. NH3 (g) or Ne (g)

f.

3. Consider the following synthesis reaction:
+3
→2
Given the table of standard entropies. Determine the ∆Srxn

NaCl (s) or NaCl (aq)

Species
N2(g)
H2(g)
NH3 (g)

So(
)
192.5
191.5
130.6

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

Unit D: Thermodynamics & Thermochemistry
Homework Problems

Directions: The AP exam does NOT allow you to use a calculator; therefore you should abstain from using one to
complete this homework. As we move through the unit complete each topic and bubble in your answer on the bubble
sheet provided at the end. Bring Coach L any section you complete and he will tell you which questions you missed. On
the day of the unit test the bubble sheets will be collected and graded for correctness and a homework grade.

Enthalpy (∆H)
+5

→3

∆Hrxn = -2202.0 KJ/mol

+4

Propane is a simple hydrocarbon and used as the main fuel source for many grills. The balanced chemical equation
for the combustion of propane is shown above. Refer to the information above and the table below to answer the
questions that follow:
Substance
H2O (l)
H2O (g)
CO2 (g)

1. Which of the following is the standard heat of
formation of propane (∆ ) as calculated from
the data above?
a. -1237.4 kJ
b. -662.7 kJ
c. 662.7 kJ
d. 1237.4 kJ
3. Based on the information below, what is the
standard enthalpy change or the following
reaction
2
→2
+
Given:
2
+
→2
∆H = A
+
→
∆H = B
a. –A + B
b. 2(-A) + B
c. A + 2(-B)
d. -A + (B/2)

∆
-285.8
-241.8
-393.3

2. Which of the following best represents the
∆Hrxn when 88g of propane undergoes
combustion?
a. -4404 kJ
b. -889.1 kJ
c. 889.9 kJ
d. 4404 kJ
4. According to the
data table to the
right, what is the
value of ∆Ho for
the reaction
represented
below?

Bond
H-H
H-Cl
Cl-Cl

+
a.
b.
c.
d.

625 kJ
247 kJ
-74.2 kJ
-184 kJ

→

Average Bond
Energy (
436
431
242

)

5. Which graph depicts an endothermic reaction with high activation energy?

Entropy (∆S)
1. Steam is vented into an insulated rigid frozen
container which is then sealed. There is NO
heat exchange with the surroundings. What
happens to the total energy and the total
energy when the system reaches equilibrium?
Energy
Entropy
a. Remains constant
decreases
b. Remains constant
increases
c. Decreases
increases
d. Increases
decreases
2. When water vapor condenses at its normal
boiling point (373K at 1 atm), which of the
following is true for the process shown below?
→
a. ∆H<0, ∆S>0, ∆V>0
b. ∆H<0, ∆S<0, ∆V<0
c. ∆H>0, ∆S<0, ∆V>0
d. ∆H>0, ∆S>0, ∆V<0

3. Which of the following reactions has the
largest increase in entropy?
a. CH4 (g) + 2O2 (g) → CO2 (g) + 2H2O (g)
b. Pb(OH)2 (aq) + HNO3(aq) → Pb(NO3)2 (aq) + H2O (l)
c. Cl2 (g) + 3O2 (g) →2Cl- (g) + 2O3 (g)
d. Li (s) + H2O (l) → LiOH (aq) + H2 (g)
4. The value for entropy of a perfect crystal at 0K
is:
a. Positive
b. Zero
c. Negative
d. Dependent on the number of electrons
5. When solid sodium nitrate, NaNO3 (s), is added
to water at 25oC, it dissolves and the
temperature of the solution increases. Which
of the following is true for the values of ∆H
and ∆S for the dissolving process
∆H
∆S
a. Positive
positive
b. Positive
negative
c. Negative
positive
d. Negative
negative

Gibbs Free Energy (∆G)
1. Which of the following is true for any
substance undergoing the process represented
below?
X(s) ⇄ X(g)
a. ∆S < 0
b. ∆H = 0
c. ∆H=T ∆G
d. ∆H=T ∆S
2. When NH3 (g) is mixed with HCl(g) in a closed
container the temperature increases and a
solid forms. Which of the following indicates
the correct signs for ∆G, ∆H, and ∆S for the
process?
∆G
∆H
∆S
a. +
+
b. c. +
+
d. -

3. Based on the information given in the table
below, what can be concluded about the
relative stabilities and standard entropies of
formation of the compounds at 298K?
Substance ∆Gf
∆Hf
H2O
68
52
H2O2
209 227
a. Both compounds have the same
stability and they have opposite signs
for ∆S
b. Water is more stable than hydrogen
peroxide and both have the same signs
for ∆S
c. Water is less stable than hydrogen
peroxide and bother have the same sign
for ∆S
d. Water is more stable than hydrogen
peroxide and they have opposite signs
for ∆S
4. Which of the following must be true for a
reaction be thermodynamically favorable at
only HIGH temperatures?
a. ∆H> 0, ∆S > 0
b. ∆H> 0, ∆S < 0
c. ∆H< 0, ∆S > 0
d. ∆H< 0, ∆S < 0
5. Gibbs free energy is defined as:
a. Energy of motion
b. Energy available to do useful work
c. Stored energy
d. Dispersion or chaos

