[bookmark: _z7trmg6eqdv7]AP Chemistry Unit 6: Thermodynamics
Thermodynamics is the study of energy and how energy is transferred during physical and chemical processes. In chemistry, this mainly means understanding what happens to energy when substances react, change temperature, or change phase.
This unit is heavily connected to ideas you have already learned. Intermolecular forces help explain why phase changes require different amounts of energy. Chemical bonds help explain why reactions absorb or release energy. Stoichiometry lets us connect the amount of substance reacting to the amount of heat transferred.
The biggest idea to keep in mind throughout Unit 6 is that energy is conserved. Energy can move between a chemical system and its surroundings or change from one form to another, but it does not simply disappear.
By the end of this unit, you should be able to describe whether a process is endothermic or exothermic, calculate heat transfer using calorimetry, interpret heating curves, calculate reaction enthalpies, manipulate reactions using Hess's law, use standard enthalpies of formation, and estimate reaction enthalpy using bond enthalpies.

[bookmark: _1gwj02yhna6r]Topic 1: Endothermic and Exothermic Processes
Thermodynamics begins by separating the part of the universe we are studying from everything around it.
The system is the specific chemical reaction, substance, or process being studied. The surroundings are everything outside the system that can exchange energy with it.
For example, suppose a reaction occurs inside a beaker. The reacting chemicals are the system, while the water bath, beaker, air, thermometer, and rest of the room are part of the surroundings.
This distinction matters because when energy leaves one place, it must enter another.
If the system releases heat:
system loses energy → surroundings gain energy
If the system absorbs heat:
surroundings lose energy → system gains energy
[bookmark: _svopaltari2h]Heat and Temperature Are Not the Same Thing
Temperature measures the average kinetic energy of particles. When particles have greater average kinetic energy, the temperature is higher.
Heat, represented by q, is energy transferred because of a temperature difference.
Heat is therefore not something an object simply “contains.” It describes energy being transferred between objects or systems.
Heat naturally transfers from:
higher temperature → lower temperature
until the objects reach the same temperature.
[bookmark: _9i27s8flyjiq]Internal Energy
The internal energy, represented by E, is the total microscopic energy contained within a system. It includes contributions from particle motion and interactions between particles.
We usually care about the change in internal energy:
ΔE = Efinal − Einitial
The first law of thermodynamics expresses conservation of energy:
ΔE = q + w
where:
· ΔE = change in internal energy
· q = heat transferred to or from the system
· w = work done on or by the system
Using the chemistry sign convention:
q > 0 means heat enters the system.
q < 0 means heat leaves the system.
w > 0 means work is done on the system.
w < 0 means the system does work on the surroundings.
For most AP Chemistry Unit 6 problems, the major focus is heat and enthalpy rather than difficult pressure-volume work calculations, but understanding conservation of energy is important.
[bookmark: _tycu21wg91jq]Enthalpy
The quantity enthalpy, represented by H, is especially useful for chemical reactions occurring at constant pressure.
The change in enthalpy is:
ΔH = Hproducts − Hreactants
At constant pressure:
qₚ = ΔH
This means the heat transferred during a constant-pressure process corresponds to the enthalpy change.
Most reactions performed in an open beaker occur under essentially constant atmospheric pressure, which is why enthalpy is used so often in chemistry.
[bookmark: _9rne447ucz6g]Endothermic Processes
An endothermic process absorbs heat from the surroundings.
For an endothermic process:
qsystem > 0
and, under constant pressure:
ΔH > 0
Because the system gains energy, its final state has a higher enthalpy than its initial state.
Examples of endothermic processes include melting, vaporization, sublimation, and many chemical reactions.
A general energy diagram looks like:
lower-energy reactants → higher-energy products
Therefore:
Hproducts > Hreactants
and:
ΔH = positive
[bookmark: _6fdl6juhs1nc]What Happens to the Surroundings?
If the system absorbs heat, the surroundings lose heat.
This can cause the surroundings to become cooler.
For example, if a reaction mixture feels cold, the reaction may be absorbing thermal energy from the surroundings.
Be careful with the wording:
“The reaction got cold” is not the strongest explanation.
A better explanation is:
The reaction was endothermic, so energy was transferred as heat from the surroundings into the system.
[bookmark: _edtbmt8sugxw]Exothermic Processes
An exothermic process releases heat into the surroundings.
For an exothermic process:
qsystem < 0
and:
ΔH < 0
The products have lower enthalpy than the reactants.
A general energy relationship is:
higher-energy reactants → lower-energy products
Therefore:
Hproducts < Hreactants
and:
ΔH = negative
Many combustion reactions are strongly exothermic.
If the surroundings become warmer during a reaction, the reaction may have released thermal energy into them.
[bookmark: _ii5a1yo1dcvf]Energy Diagrams
Energy diagrams visually compare the energy of the initial and final states.
For an endothermic process:
products are higher than reactants.
ΔH > 0
For an exothermic process:
products are lower than reactants.
ΔH < 0
Do not confuse the overall energy difference on this type of diagram with activation energy from Unit 5.
Activation energy describes the energy barrier needed for the reaction pathway.
ΔH describes:
energy of products − energy of reactants
A reaction can have a very large activation energy and still be strongly exothermic.
[bookmark: _wa4wolux1ye7]Breaking and Forming Interactions
A useful idea that appears throughout thermodynamics is:
breaking attractive interactions requires energy
while:
forming attractive interactions releases energy
For chemical reactions:
breaking bonds → requires energy
forming bonds → releases energy
For physical processes:
separating particles against intermolecular forces → requires energy
allowing stronger attractions to form → releases energy
Whether the overall process is endothermic or exothermic depends on the balance of all energy absorbed and released.
[bookmark: _ooi4s8t9mh0k]Common Mistakes
Do not confuse temperature with heat.
Do not say endothermic means “cold” and exothermic means “hot.” Those are possible observations of the surroundings, but the actual definitions concern energy transfer.
Remember:
endothermic → system absorbs heat → ΔH positive
exothermic → system releases heat → ΔH negative
Do not confuse ΔH with activation energy.
[bookmark: _olq4vdu1pvxa]Remember This
Think from the perspective of the system:
ENDO = energy ENters
EXO = energy EXits

[bookmark: _lhz19057izfz]Topic 2: Heat Transfer and Thermal Equilibrium
When two objects at different temperatures come into contact, energy is transferred between them as heat.
The warmer object's particles have greater average kinetic energy than the cooler object's particles. Collisions between particles transfer energy from the hotter material to the colder material.
Therefore:
heat naturally flows from hot → cold
This continues until the two objects reach the same temperature. Khan Academy's current Unit 6 describes thermal equilibrium in terms of this heat transfer and equal final temperature.
[bookmark: _aj0nyhkh7bik]Thermal Equilibrium
Thermal equilibrium occurs when objects in thermal contact reach the same temperature and there is no longer a net transfer of heat between them.
For example, suppose a piece of metal at 90°C is placed into water at 20°C.
Initially:
metal is hotter than water.
Energy transfers:
metal → water
The metal cools while the water warms.
Eventually both may reach, for example:
30°C.
At that point they are at the same temperature, so they have reached thermal equilibrium.
[bookmark: _muzdrjrkwffk]Conservation of Energy During Heat Transfer
If the setup is thermally isolated so that no significant energy escapes:
heat lost by hot object + heat gained by cold object = 0
or:
qhot + qcold = 0
Therefore:
qhot = −qcold
This relationship becomes the foundation of calorimetry.
Suppose the hot metal loses 2,000 J.
Then:
qmetal = −2000 J
The water must gain approximately 2,000 J:
qwater = +2000 J
The signs are opposite because energy lost by one part is gained by another.
[bookmark: _mo4udzq3fe2v]Final Temperature
The final equilibrium temperature must normally lie between the initial temperatures of the objects.
If one material begins at 80°C and the other at 20°C, an isolated system cannot normally reach a final equilibrium temperature of 95°C or 5°C without another energy source or sink.
However, the final temperature is not necessarily halfway between the two initial temperatures.
Why?
Different samples can have different:
· masses
· specific heat capacities
A large amount of water may experience only a small temperature change while a small piece of metal experiences a much larger temperature change.
[bookmark: _7chd7fskvr3e]Particle-Level Explanation
Suppose a hot metal block contacts a cooler metal block.
Particles in the hotter block have greater average kinetic energy. Collisions at the boundary transfer energy to particles in the cooler block.
As the hot block loses energy, its particle motion decreases.
As the cool block gains energy, its particle motion increases.
Eventually the average kinetic energies associated with the temperatures become equal, so both objects reach the same temperature.
[bookmark: _fhlje0nm600f]Heat Flow Does Not Mean Temperature Flow
Temperature itself does not “flow.”
Energy flows as heat.
Temperature tells us about the average kinetic energy of particles and determines the direction in which heat is transferred.
[bookmark: _lolswjnrypc]Common Mistakes
Do not assume objects contain equal amounts of thermal energy just because they have the same temperature.
Do not assume the final temperature must be exactly halfway between the two starting temperatures.
Do not say cold “flows” from one object to another. Energy transfers from the hotter object to the cooler one.
[bookmark: _y6m9y9f7t9ej]Remember This
In an isolated heat-transfer problem:
energy lost = energy gained
or:
qlost + qgained = 0

[bookmark: _rlh8rojt3zlr]Topic 3: Heat Capacity and Calorimetry
Different substances require different amounts of energy to change temperature.
For example, water requires a relatively large amount of energy to increase its temperature compared with many metals. This is described using heat capacity and specific heat capacity.
Khan Academy's current Unit 6 includes heat capacity, constant-pressure calorimetry, food-energy calorimetry, and constant-volume calorimetry.
[bookmark: _2xmut9kqml4k]Heat Capacity
The heat capacity, usually represented by C, is the amount of heat required to change the temperature of an entire object by 1°C or 1 K.
Units might be:
J/°C
or:
J/K
A large heat capacity means the object requires a lot of energy for a small temperature change.
[bookmark: _rx73m3165agx]Specific Heat Capacity
The specific heat capacity, often written c, is the amount of energy required to raise the temperature of 1 gram of a substance by 1°C.
Typical units are:
J/(g·°C)
For liquid water:
c ≈ 4.18 J/(g·°C)
This means approximately 4.18 J are needed to increase the temperature of 1 g of liquid water by 1°C.
[bookmark: _4zt0jj9c3frp]Molar Heat Capacity
A molar heat capacity describes the heat required to increase the temperature of 1 mole of a substance by one degree.
Its units may be:
J/(mol·K)
Be careful to identify whether the problem provides specific heat per gram or heat capacity per mole.
[bookmark: _jp6s03qlhsat]The Main Heat Equation
The most important calorimetry equation is:
q = mcΔT
where:
· q = heat transferred
· m = mass
· c = specific heat capacity
· ΔT = temperature change
and:
ΔT = Tfinal − Tinitial
The sign of ΔT matters.
If temperature rises:
ΔT > 0
so q is positive for the substance gaining heat.
If temperature falls:
ΔT < 0
so q is negative for the substance losing heat.
[bookmark: _q23yh9n4tu52]Example: Heating Water
Suppose 100.0 g of water warms from 20.0°C to 35.0°C.
For water:
c = 4.18 J/(g·°C)
Temperature change:
ΔT = 35.0 − 20.0 = 15.0°C
Use:
q = mcΔT
q = (100.0 g)(4.18 J/(g·°C))(15.0°C)
q = 6270 J
or:
6.27 kJ
The positive value makes sense because the water gained energy.
[bookmark: _axdfzxdoukz0]Example: Cooling an Object
Suppose 50.0 g of a substance with:
c = 0.900 J/(g·°C)
cools from 80.0°C to 30.0°C.
ΔT = 30.0 − 80.0 = −50.0°C
Then:
q = (50.0)(0.900)(−50.0)
q = −2250 J
The negative sign means the sample released heat.
[bookmark: _i284lphabrog]Calorimetry
Calorimetry is the experimental measurement of heat transfer.
A calorimeter is the device used to measure this energy transfer.
The fundamental assumption in an ideal calorimetry problem is conservation of energy:
qreaction + qsurroundings = 0
Therefore:
qreaction = −qsurroundings
This sign reversal is one of the most important things to remember.
If the solution gains 5.00 kJ:
qsolution = +5.00 kJ
then the reaction released:
qreaction = −5.00 kJ
Therefore the reaction was exothermic.
[bookmark: _lf5f6ikuho0s]Coffee-Cup Calorimetry
A coffee-cup calorimeter is commonly used for reactions occurring in solution at approximately constant atmospheric pressure.
Because the process occurs at constant pressure:
qreaction,p = ΔHreaction
Usually the temperature change of the surrounding solution is measured.
If we assume the solution behaves approximately like water:
qsolution = msolution csolution ΔT
Then:
qreaction = −qsolution
If the calorimeter itself absorbs a significant amount of energy, its heat capacity may also need to be included:
qreaction + qsolution + qcalorimeter = 0
[bookmark: _djw4luh3vlqu]Example: Coffee-Cup Reaction
Suppose a reaction occurs in 100.0 g of solution. The temperature rises from 21.0°C to 27.0°C. Assume:
csolution = 4.18 J/(g·°C)
Temperature change:
ΔT = 6.0°C
Heat gained by solution:
qsolution = (100.0)(4.18)(6.0)
qsolution = +2508 J
The solution gained heat.
Therefore the reaction lost heat:
qreaction = −2508 J
or:
−2.51 kJ
The reaction is exothermic.
[bookmark: _i6y2888tdxz0]Calculating ΔH per Mole of Reaction
Calorimetry may give you heat for the amount that actually reacted, but AP questions often ask for:
ΔH in kJ/molrxn
Suppose the reaction released:
−2.51 kJ
and:
0.0250 mol
of reaction occurred.
Then:
ΔHrxn = −2.51 kJ / 0.0250 mol
ΔHrxn = −100.4 kJ/molrxn
Always use stoichiometry if necessary to determine how many moles of reaction occurred.
[bookmark: _ewuvbgt3va5]Constant-Volume Calorimetry
A bomb calorimeter is used for processes such as combustion reactions under constant volume.
Instead of measuring ΔH directly, constant-volume calorimetry relates heat to the change in internal energy:
qᵥ = ΔE
A bomb calorimeter often uses:
qcal = CcalΔT
where:
· Ccal = heat capacity of the calorimeter
· ΔT = calorimeter temperature change
Then:
qreaction = −qcal
If the calorimeter gets warmer, it gained heat, meaning the combustion reaction released heat.
[bookmark: _48ogmooi294w]Determining an Unknown Specific Heat
The equation:
q = mcΔT
can also be rearranged:
c = q/(mΔT)
Suppose a 50.0 g metal absorbs 450 J and warms by 20.0°C:
c = 450 / [(50.0)(20.0)]
c = 0.450 J/(g·°C)
Specific heat measurements can help identify an unknown material.
[bookmark: _xk65aqfyekxr]Mixing Two Substances
For an isolated system:
qhot + qcold = 0
If each uses q = mcΔT:
mhot chot(Tf − Thot,i) + mcold ccold(Tf − Tcold,i) = 0
You can solve this equation for the final equilibrium temperature.
[bookmark: _94ur80r0djvs]Common Mistakes
Always use:
ΔT = final − initial
Do not switch the order depending on whether something heats or cools.
Remember that the reaction and surroundings have opposite q signs.
Do not automatically use only the mass of the solute in a coffee-cup experiment. The temperature change usually belongs to the entire solution.
Watch your units:
1000 J = 1 kJ
[bookmark: _91jnmtxmol15]Remember This
The main calorimetry chain is:
temperature change → q = mcΔT → reverse sign → reaction heat → divide by moles if needed

[bookmark: _eb8bwwvc19yu]Topic 4: Energy of Phase Changes
Changing the physical state of matter requires energy because particle attractions must be disrupted or allowed to form.
Khan Academy's current lesson specifically covers enthalpy of phase changes and heating curves.
[bookmark: _7xrvwu2hdf0d]Endothermic Phase Changes
The following phase changes require energy:
melting: solid → liquid
vaporization: liquid → gas
sublimation: solid → gas
During these processes, particles become less strongly constrained by intermolecular attractions.
Therefore:
ΔH > 0
[bookmark: _uqdygad7i19b]Exothermic Phase Changes
The reverse phase changes release energy:
freezing: liquid → solid
condensation: gas → liquid
deposition: gas → solid
Therefore:
ΔH < 0
[bookmark: _s28i28m48z0d]Opposite Phase Changes Have Equal Magnitudes
The energy required for a phase change has the same magnitude as the energy released by the reverse phase change.
For example, if:
ΔHvap = +40.7 kJ/mol
then:
ΔHcond = −40.7 kJ/mol
The sign changes because the direction of energy transfer reverses.
[bookmark: _xvw5cn53mfcq]Why Vaporization Requires More Energy Than Melting
For many substances:
ΔHvap > ΔHfus
During melting, intermolecular attractions are weakened enough for particles to move past one another, but the particles still remain relatively close.
During vaporization, particles must become widely separated from one another, meaning much more of the intermolecular attraction must be overcome.
This usually requires more energy.
[bookmark: _ualywku1bslx]Calculating Energy During a Phase Change
If a molar enthalpy of phase change is given:
q = nΔHphase
where:
· n = moles
· ΔHphase = molar enthalpy of fusion, vaporization, etc.
Suppose 2.00 mol of a liquid vaporizes and:
ΔHvap = +35.0 kJ/mol
Then:
q = (2.00 mol)(35.0 kJ/mol)
q = +70.0 kJ
The positive sign makes sense because vaporization is endothermic.
[bookmark: _axeca2cncmme]Temperature Does Not Change During an Ideal Phase Change
When a pure substance changes phase at constant pressure, temperature remains approximately constant during the phase transition.
This can initially seem strange because energy is still being added.
The added energy is being used primarily to change potential energy associated with particle attractions, rather than increasing average kinetic energy.
Since temperature reflects average kinetic energy, the temperature remains constant during the phase change.
[bookmark: _xyjp744qm69t]Heating Curves
A heating curve shows how the temperature of a substance changes as energy is continuously added.
A typical heating curve contains sloped sections and flat sections.
[bookmark: _b2v4bxm9hd7r]Sloped Sections
During a sloped portion:
temperature changes
but:
phase stays the same
For these portions:
q = mcΔT
Examples include:
heating solid
heating liquid
heating gas
During these sections, average kinetic energy increases.
[bookmark: _t9gzzgqea2a8]Flat Sections
During a plateau:
temperature stays constant
while:
phase changes
For these portions:
q = nΔHphase
During melting:
solid + liquid coexist.
During boiling:
liquid + gas coexist.
The energy added during a plateau increases potential energy by overcoming intermolecular attractions.
[bookmark: _k3yj1sfezys7]Complete Heating-Curve Problems
A problem might ask how much energy is needed to heat ice below 0°C until it becomes steam above 100°C.
You cannot use one q=mcΔT calculation for the entire process.
Instead, divide it into steps.
Example path:
Step 1: heat solid
q₁ = mcsolidΔT
Step 2: melt solid
q₂ = nΔHfus
Step 3: heat liquid
q₃ = mcliquidΔT
Step 4: vaporize liquid
q₄ = nΔHvap
Step 5: heat gas
q₅ = mcgasΔT
Then:
qtotal = q₁ + q₂ + q₃ + q₄ + q₅
Use only the steps actually present in the problem.
[bookmark: _cwjmjg7a45ey]Heating Curves and Particle Energy
During sloped regions:
temperature ↑ → average kinetic energy ↑
During flat regions:
temperature constant → average kinetic energy approximately constant
but:
potential energy changes
This kinetic-energy vs. potential-energy distinction is frequently useful in AP explanations.
[bookmark: _9luqldv9w3x0]Common Mistakes
Do not use q=mcΔT during a constant-temperature phase change.
Do not use q=nΔHphase while a substance is simply warming within one phase.
Do not assume temperature rises during melting or boiling.
Remember to include every relevant segment in a multi-step heating problem.
[bookmark: _waeo9dz9xwyb]Remember This
On a heating curve:
slope = temperature change → q = mcΔT
plateau = phase change → q = nΔHphase

[bookmark: _p88wkg98xyb8]Topic 5: Introduction to Enthalpy of Reaction
The enthalpy of reaction, written ΔHrxn, is the enthalpy change associated with a chemical reaction.
At constant pressure:
ΔHrxn = qreaction,p
Khan Academy's current lesson emphasizes that ΔHrxn depends on how the balanced chemical equation is written and is often expressed per mole of reaction.
[bookmark: _ly45w64qakd4]Interpreting ΔHrxn
Consider:
CH₄(g) + 2O₂(g) → CO₂(g) + 2H₂O(l)
Suppose:
ΔHrxn = −890 kJ/molrxn
This means the reaction releases 890 kJ when the reaction occurs exactly as written:
1 mol CH₄ reacts with 2 mol O₂ to produce 1 mol CO₂ and 2 mol H₂O.
Because ΔH is negative, the reaction is exothermic.
[bookmark: _h9n2jmotq8b4]ΔH Depends on the Equation
Enthalpy is an extensive property for a reaction: the energy change depends on how much reaction occurs.
Suppose:
A → B ΔH = +50 kJ
If you double the equation:
2A → 2B
then:
ΔH = +100 kJ
If you reverse it:
B → A
then:
ΔH = −50 kJ
This idea becomes central in Hess's law.
[bookmark: _69wd50n69zp7]Thermochemical Equations
A balanced chemical equation that includes its enthalpy change is called a thermochemical equation.
For example:
2H₂(g) + O₂(g) → 2H₂O(l) ΔH = −572 kJ
This equation tells us that formation of 2 mol H₂O(l) releases 572 kJ.
Therefore formation of 1 mol H₂O(l) would correspond to:
−286 kJ/mol H₂O
assuming the same conditions.
[bookmark: _pjhvxxz10pi7]States Matter
Enthalpy depends on physical state.
For example:
H₂O(l)
and:
H₂O(g)
do not have the same enthalpy.
Why?
Converting liquid water into water vapor requires energy.
Therefore, a reaction producing liquid water can have a different ΔH than the same reaction producing water vapor.
Always pay attention to:
(s), (l), (g), and (aq)
when comparing thermochemical equations.
[bookmark: _e4yv24ehoz06]Measuring Reaction Enthalpy With Calorimetry
Coffee-cup calorimetry can be used to measure ΔHrxn for reactions in solution.
Suppose a reaction causes the surrounding solution to warm.
The solution gained heat:
qsolution > 0
Therefore:
qreaction < 0
At constant pressure:
ΔHrxn = qreaction
If the reaction amount is known, divide by the appropriate moles of reaction to express the result in:
kJ/molrxn
[bookmark: _zfk0lij6qba4]Enthalpy Diagrams
For an exothermic reaction:
reactants higher → products lower
ΔH < 0
For an endothermic reaction:
reactants lower → products higher
ΔH > 0
Again, this overall vertical difference is different from the activation-energy barrier from Unit 5.
[bookmark: _hjf7jy6w9nmb]Common Mistakes
Do not ignore state symbols in thermochemical equations.
Do not treat ΔH as unrelated to stoichiometric coefficients.
If you multiply a reaction, multiply ΔH by the same factor.
If you reverse a reaction, reverse the sign of ΔH.
[bookmark: _91036ji3adfp]Remember This
ΔHrxn belongs to the reaction exactly as written.
Change the equation → change ΔH accordingly.

[bookmark: _6j8jhu21vu61]Topic 6: Hess's Law
Hess's law states that if a reaction can be written as the sum of several steps, the enthalpy change for the overall reaction equals the sum of the enthalpy changes for those steps.
In other words:
ΔHoverall = ΔH₁ + ΔH₂ + ΔH₃ + ...
This works because enthalpy is a state function.
A state function depends only on the initial and final states, not on the pathway used to get between them. Khan Academy's current Hess's law lesson emphasizes this pathway independence.
[bookmark: _486za76tuy0u]Why Hess's Law Works
Imagine traveling from the first floor of a building to the fifth floor.
You could go directly.
Or you could go:
Floor 1 → Floor 2 → Floor 4 → Floor 5.
Regardless of the route, the overall elevation change between Floor 1 and Floor 5 is the same.
Enthalpy works similarly.
If reactants begin at one energy level and products finish at another, the overall ΔH depends only on those initial and final states.
[bookmark: _i27ps2o46des]The Two Major Hess's Law Rules
[bookmark: _459xu9sa4lb0]If You Reverse a Reaction
Reverse the sign of ΔH.
If:
A → B ΔH = +80 kJ
then:
B → A ΔH = −80 kJ
[bookmark: _o4paw7j093ku]If You Multiply a Reaction
Multiply ΔH by the same factor.
If:
A → B ΔH = +80 kJ
multiply the equation by 2:
2A → 2B
then:
ΔH = +160 kJ
If you multiply by 1/2:
½A → ½B
then:
ΔH = +40 kJ
[bookmark: _fsrfsolztwag]Solving Hess's Law Problems
Suppose you want:
A + C → D
and are given:
Reaction 1: A → B ΔH₁ = +50 kJ
Reaction 2: B + C → D ΔH₂ = −120 kJ
Add the reactions:
A → B
B + C → D
B appears on both sides and cancels.
Overall:
A + C → D
Add the enthalpies:
ΔH = +50 + (−120)
ΔH = −70 kJ
[bookmark: _55jw1x5gu8gz]A More Complicated Example
Target:
2C → 2A
Given:
A → B ΔH = +30 kJ
C → B ΔH = −40 kJ
We want C to become A.
Reverse the first equation:
B → A ΔH = −30 kJ
Keep the second:
C → B ΔH = −40 kJ
Add:
C → B
B → A
B cancels:
C → A
ΔH:
−40 + −30 = −70 kJ
But the target is:
2C → 2A
Double everything:
ΔH = −140 kJ
[bookmark: _o8lj3rgkekzw]How to Approach Hard Hess's Law Problems
Start with the target reaction.
Look for a substance that appears only once among the given equations. Decide whether its equation must be reversed so the substance appears on the correct side.
Then adjust coefficients.
Do not calculate ΔH until you have correctly manipulated the reactions.
Finally, add the equations and verify that all unwanted species cancel.
The resulting equation must match the target exactly.
[bookmark: _smchymk5ltnp]Hess's Law and Intermediate Species
Species that appear during the hypothetical pathway but cancel from the overall equation are similar to intermediate steps.
They do not appear in the final target equation.
This is completely fine. Hess's law does not require the actual reaction to physically occur using the exact listed pathway; it uses the fact that enthalpy depends only on initial and final states.
[bookmark: _dbapifdwh5lk]Common Mistakes
If you reverse the chemical equation, you must reverse the sign of ΔH.
If you multiply coefficients by 2, you must multiply ΔH by 2.
Do not multiply ΔH just because you are adding equations. Only scale it when the corresponding reaction is scaled.
Always check that the final chemical equation matches the target.
[bookmark: _ukvd29m29qiz]Remember This
Hess's law is basically equation algebra:
flip reaction → flip ΔH sign
multiply reaction → multiply ΔH
add reactions → add ΔH

[bookmark: _ozgd2r5ma7ei]Topic 7: Enthalpy of Formation
The standard enthalpy of formation, written ΔH°f, is the enthalpy change when 1 mole of a substance is formed from its constituent elements in their standard states.
Khan Academy's current Unit 6 uses this definition and the products-minus-reactants equation for calculating reaction enthalpy.
[bookmark: _dj44bw4lrkdc]Understanding “Standard”
The ° symbol indicates standard-state conditions.
In typical AP Chemistry data tables, standard-state values are commonly tabulated around 298 K, and gases are referenced at standard pressure.
The important idea is that every substance is being compared under a consistent set of standard conditions.
[bookmark: _dkqzv470ko3r]Standard State of an Element
A standard state is the most stable form of an element under the specified standard conditions.
Examples include:
O₂(g) for oxygen
H₂(g) for hydrogen
N₂(g) for nitrogen
C(s, graphite) for carbon
Be careful: not every form of an element is its standard state.
For example:
O₂(g) is the standard state of oxygen.
O₃(g), ozone, is not.
Graphite is the standard reference form of carbon under ordinary standard conditions.
Diamond is not assigned ΔH°f = 0.
[bookmark: _b4zqottfobo2]Elements in Their Standard States Have ΔH°f = 0
By convention:
ΔH°f = 0
for an element in its standard state.
Examples:
ΔH°f[O₂(g)] = 0
ΔH°f[H₂(g)] = 0
ΔH°f[N₂(g)] = 0
ΔH°f[C(s, graphite)] = 0
This does not mean these substances contain no energy. It means their standard enthalpies of formation are defined as the reference value zero.
[bookmark: _olz54puw42w5]Formation Reaction Example
The standard formation reaction for CO₂(g) is:
C(s, graphite) + O₂(g) → CO₂(g)
This produces exactly:
1 mol CO₂
from elements in their standard states.
Therefore the enthalpy change is:
ΔH°f of CO₂(g)
[bookmark: _9hbnhgfhp5id]Formation Equations Must Form Exactly One Mole
Suppose the formation reaction is for H₂O(l).
Correct:
H₂(g) + ½O₂(g) → H₂O(l)
because exactly one mole of H₂O is produced.
Fractions are completely acceptable in formation equations.
Writing:
2H₂ + O₂ → 2H₂O
would describe twice the standard molar enthalpy of formation rather than ΔH°f for one mole.
[bookmark: _fw28o0xhvdhn]Calculating Reaction Enthalpy From Formation Enthalpies
The main equation is:
ΔH°rxn = ΣnΔH°f(products) − ΣnΔH°f(reactants)
Think:
products minus reactants
The coefficient n from the balanced equation multiplies each substance's ΔH°f.
[bookmark: _6ds6x1ia91u5]Example
Consider:
CH₄(g) + 2O₂(g) → CO₂(g) + 2H₂O(l)
Suppose:
ΔH°f CH₄(g) = −74.8 kJ/mol
ΔH°f O₂(g) = 0
ΔH°f CO₂(g) = −393.5 kJ/mol
ΔH°f H₂O(l) = −285.8 kJ/mol
Products:
[1(−393.5)] + [2(−285.8)]
= −393.5 − 571.6
= −965.1 kJ
Reactants:
[1(−74.8)] + [2(0)]
= −74.8 kJ
Now:
ΔH°rxn = products − reactants
ΔH°rxn = −965.1 − (−74.8)
ΔH°rxn = −890.3 kJ/molrxn
Because the result is negative, the reaction is exothermic.
[bookmark: _92u1u2z9a0vk]Why This Is Really Hess's Law
The enthalpy-of-formation equation is essentially a convenient application of Hess's law.
Instead of manually combining many formation reactions, the formula automatically subtracts the reactant formation values from the product formation values.
That is why Unit 6 topics connect so strongly.
[bookmark: _mkfm1y9tdi1j]Coefficients Matter
If a reaction contains:
3H₂O(l)
you use:
3 × ΔH°f[H₂O(l)]
Do not ignore coefficients.
[bookmark: _fbycqiwmyucy]State Symbols Matter Again
ΔH°f for:
H₂O(l)
is different from:
H₂O(g)
because vaporizing water requires energy.
Always choose the value corresponding to the correct state.
[bookmark: _p9obcnhe2lzj]Common Mistakes
Do not assume every element has ΔH°f = 0.
Only an element in its standard state gets zero.
Do not forget stoichiometric coefficients.
Do not reverse the formula. It is:
products − reactants
not reactants − products.
Do not ignore physical states.
[bookmark: _d19wve8k647n]Remember This
For formation enthalpies:
ΔH°rxn = products − reactants
and:
elements in their standard states = 0

[bookmark: _734bdm4l7zf3]Topic 8: Bond Enthalpies
A bond enthalpy, sometimes called bond dissociation energy, is the energy required to break one mole of a particular type of bond in the gas phase.
Because breaking a bond requires energy:
bond breaking → positive energy
Khan Academy's current Unit 6 describes bond enthalpy as positive for bond breaking and uses the relationship between bonds broken and bonds formed to estimate ΔHrxn.
[bookmark: _94qtoktuaynd]Breaking Bonds Requires Energy
Consider:
Cl₂(g) → 2Cl(g)
The Cl—Cl bond must be broken.
Suppose its bond enthalpy is:
242 kJ/mol
Then:
+242 kJ
must be supplied per mole of Cl—Cl bonds broken.
This is endothermic.
[bookmark: _mebwdpf8g5v8]Forming Bonds Releases Energy
The reverse process is:
2Cl(g) → Cl₂(g)
Forming the Cl—Cl bond releases the same magnitude:
−242 kJ/mol
Therefore:
breaking bonds = energy absorbed
forming bonds = energy released
This is one of the most important thermodynamics ideas.
[bookmark: _r72w9ebhiz0f]Calculating ΔH From Bond Enthalpies
The approximate reaction enthalpy can be calculated using:
ΔHrxn ≈ Σ(bond enthalpies of bonds broken) − Σ(bond enthalpies of bonds formed)
A common shorthand is:
ΔH ≈ broken − formed
Why subtract formed bonds?
Bond enthalpies are tabulated as positive bond-breaking energies. Forming those same bonds releases energy, so their contribution has the opposite sign.
[bookmark: _2y1jsyky2xo9]Example
Consider:
H₂(g) + Cl₂(g) → 2HCl(g)
Suppose:
H—H = 436 kJ/mol
Cl—Cl = 242 kJ/mol
H—Cl = 431 kJ/mol
[bookmark: _srlcd6ealtz2]Step 1: Bonds Broken
Break:
1 H—H
1 Cl—Cl
Energy required:
436 + 242 = 678 kJ
[bookmark: _nhtr0iqgjil9]Step 2: Bonds Formed
Form:
2 H—Cl
Energy associated with breaking those bonds would be:
2(431) = 862 kJ
But because the bonds are being formed, that amount is released.
[bookmark: _mkbkbditrvtm]Step 3: Calculate ΔH
ΔH = broken − formed
ΔH = 678 − 862
ΔH = −184 kJ
The negative result means the reaction is exothermic.
[bookmark: _hdwjxxtvbghi]Why Strong Bond Formation Can Make Reactions Exothermic
Suppose relatively weak bonds are broken and very strong bonds are formed.
Breaking the weak bonds requires some energy, but forming the stronger bonds releases a larger amount.
Therefore:
energy released > energy absorbed
and:
ΔH < 0
The reaction is exothermic.
If much stronger bonds must be broken than are formed:
energy absorbed > energy released
and the reaction may be endothermic.
[bookmark: _qzeygmdaopcx]Counting Bonds Correctly
This is often the hardest part of bond-enthalpy problems.
You must count the bonds that actually disappear and the bonds that actually appear.
Consider a molecule with:
· 4 C—H bonds
· 1 C—C bond
· 1 O—H bond
If there are two molecules, multiply every relevant bond count by two.
Lewis structures are often useful because they make the bonds visible.
[bookmark: _3izbuhkjg8z9]Single, Double, and Triple Bonds Are Different
A C—C single bond and C=C double bond do not have the same bond enthalpy.
Likewise:
C—C
C=C
C≡C
must be treated as different bond types.
Generally:
higher bond order → stronger bond → larger bond enthalpy
although exact values depend on molecular environment.
[bookmark: _1z2g8udiacx]Why Bond Enthalpies Give Estimates
Most bond enthalpy tables contain average bond enthalpies.
A C—H bond does not have exactly the same strength in every molecule because its chemical environment changes.
Therefore calculations using average bond enthalpies provide an:
estimate of ΔHrxn
rather than an exact value.
Standard enthalpies of formation can often give more precise reaction enthalpies when accurate tabulated data are available.
[bookmark: _51i56lotq0po]Bond Enthalpy vs. Activation Energy
Do not confuse bond enthalpy with activation energy.
Bond enthalpy describes the energy needed to break a particular chemical bond.
Activation energy describes the energy barrier associated with an entire reaction pathway or elementary step.
They are related to molecular energy, but they are not the same quantity.
[bookmark: _wfmfy5g244xa]Common Mistakes
Do not use:
formed − broken
The formula is:
broken − formed
Do not forget to count every bond.
Do not treat single, double, and triple bonds as identical.
Remember that bond enthalpy calculations using average values usually provide approximate reaction enthalpies.
[bookmark: _dpimzc9inyp1]Remember This
Use:
ΔH ≈ bonds broken − bonds formed
Breaking costs energy.
Forming pays energy back.

[bookmark: _5tbe9vunx8i6]Unit 6 Master Formula Sheet
	Concept
	Formula / Relationship

	Change in internal energy
	ΔE = q + w

	Enthalpy at constant pressure
	ΔH = qₚ

	Enthalpy change
	ΔH = Hfinal − Hinitial

	Heat from temperature change
	q = mcΔT

	Temperature change
	ΔT = Tf − Ti

	Calorimetry conservation
	qsystem + qsurroundings = 0

	Reaction vs. solution heat
	qrxn = −qsolution

	Calorimeter heat
	qcal = CcalΔT

	Phase-change heat
	q = nΔHphase

	Hess's law
	ΔHoverall = ΣΔHsteps

	Formation enthalpy
	ΔH°rxn = ΣnΔH°f(products) − ΣnΔH°f(reactants)

	Bond enthalpy
	ΔHrxn ≈ ΣBEbroken − ΣBEformed



[bookmark: _33vs3mje6n8n]Endothermic vs. Exothermic Master Table
	Property
	Endothermic
	Exothermic

	Heat direction
	surroundings → system
	system → surroundings

	qsystem
	positive
	negative

	ΔH
	positive
	negative

	Relative product enthalpy
	higher
	lower

	Surroundings may
	cool
	warm

	Examples
	melting, vaporization
	freezing, condensation



[bookmark: _dho1oahh2g2d]Phase-Change Master Table
	Phase Change
	Direction
	Energy

	Melting
	solid → liquid
	absorbed

	Freezing
	liquid → solid
	released

	Vaporization
	liquid → gas
	absorbed

	Condensation
	gas → liquid
	released

	Sublimation
	solid → gas
	absorbed

	Deposition
	gas → solid
	released


Opposite processes have enthalpy changes with equal magnitudes and opposite signs.
For example:
ΔHvap = −ΔHcond
and:
ΔHfus = −ΔHfreezing

[bookmark: _prn1qhhi3tib]How All of Unit 6 Connects
Unit 6 becomes much easier when you see that almost every topic is another way of applying energy conservation.
Start with:
system + surroundings
Energy can move between them as heat.
If temperature changes:
q = mcΔT
If a phase changes:
q = nΔHphase
If a reaction occurs at constant pressure:
qreaction = ΔHrxn
If multiple reactions are combined:
Hess's law → add the ΔH values
If formation data are provided:
ΔH°rxn = products − reactants
If bond data are provided:
ΔH ≈ broken − formed
All of these are different tools for answering essentially the same question:
How much energy is transferred during this process?

[bookmark: _ewu7yhsahfoy]Connection to Unit 2: Chemical Bonds
Unit 2 taught you that atoms form bonds because certain bonded arrangements are more stable than separated atoms.
Unit 6 adds the energy perspective:
breaking bonds requires energy
while:
forming bonds releases energy
This explains why a reaction's ΔH depends on the bonds that disappear and the bonds that form.

[bookmark: _ikt5t4mrtkc0]Connection to Unit 3: Intermolecular Forces
Unit 3 taught you about London dispersion forces, dipole-dipole interactions, hydrogen bonding, and ion-dipole attractions.
Unit 6 explains what happens energetically when those attractions are overcome.
Stronger intermolecular forces generally require more energy to separate particles.
For example, a liquid with strong intermolecular attractions will generally require more energy to vaporize than a comparable liquid with weaker attractions.
That can correspond to a larger:
ΔHvap

[bookmark: _5d4nflgk93z9]Connection to Unit 4: Stoichiometry
Thermochemistry calculations frequently require stoichiometry.
For example:
2H₂ + O₂ → 2H₂O ΔH = −572 kJ
This establishes a stoichiometric relationship:
2 mol H₂ ↔ −572 kJ
1 mol O₂ ↔ −572 kJ
2 mol H₂O formed ↔ −572 kJ
If only 1 mol H₂ reacts:
1 mol H₂ × (−572 kJ / 2 mol H₂)
= −286 kJ
Energy can therefore be treated as another quantity connected through the balanced equation.

[bookmark: _quqq1q5u58uf]Connection to Unit 5: Kinetics
This distinction is extremely important:
Thermodynamics tells us about energy differences.
Kinetics tells us about reaction speed.
A reaction can be strongly exothermic but still happen very slowly because it has a large activation-energy barrier.
Therefore:
large negative ΔH ≠ automatically fast reaction
Likewise, a catalyst can make a reaction faster by lowering activation energy but does not change ΔH.

[bookmark: _yl6xeonpgjy9]Unit 6 Common AP Exam Traps
Heat vs. temperature: Heat is energy transfer. Temperature reflects average kinetic energy.
System vs. surroundings: Always identify whose energy is being discussed before choosing the sign.
Endothermic: ΔH is positive.
Exothermic: ΔH is negative.
Calorimetry: If the solution gains heat, the reaction loses heat.
Temperature change: Always use Tf − Ti.
Units: Convert J and kJ correctly.
Heating curves: Use q=mcΔT on slopes and q=nΔHphase on plateaus.
Phase changes: Temperature stays approximately constant during an ideal phase transition.
Thermochemical equations: ΔH belongs to the equation exactly as written.
Reverse reaction: Reverse the sign of ΔH.
Multiply reaction: Multiply ΔH by the same factor.
Hess's law: Make sure all unwanted species actually cancel.
Formation enthalpy: Use products − reactants.
Standard elements: ΔH°f = 0 only for an element in its standard state.
Formation equations: Must form exactly 1 mol of the compound.
Bond enthalpy: Use broken − formed.
Bond counting: Count every relevant bond and coefficient.
Bond enthalpy accuracy: Average bond enthalpies normally give estimates.
Activation energy: Do not confuse activation energy with ΔH.
Catalysts: Catalysts change activation energy, not ΔH.

[bookmark: _zdu7a13dxnyx]Unit 6 Final Study Checklist
Before taking a Unit 6 test, you should understand the difference between a system and surroundings, as well as the difference between heat, temperature, internal energy, and enthalpy. You should be able to use the signs of q and ΔH to determine whether a process is endothermic or exothermic and interpret an energy diagram.
You should be able to explain thermal equilibrium at the particle level and understand that energy lost by one part of an isolated system must be gained by another.
For calorimetry, you should be able to use q=mcΔT, calculate an unknown specific heat or final temperature, understand coffee-cup and bomb calorimeters, apply qreaction = −qsurroundings, and calculate ΔH per mole of reaction.
For phase changes, you should know which changes are endothermic and exothermic, use q=nΔHphase, and correctly interpret a heating curve. You should know when energy changes average kinetic energy and when it changes potential energy associated with intermolecular attractions.
You should understand that ΔHrxn depends on how a balanced reaction is written. Reversing a reaction reverses ΔH, while multiplying the equation multiplies ΔH by the same amount.
You should be able to solve Hess's law problems by reversing, multiplying, and adding equations until they match a target reaction, then applying the same operations to the ΔH values.
You should know what standard enthalpy of formation means and understand why elements in their standard states have ΔH°f = 0. You should be able to calculate:
ΔH°rxn = ΣnΔH°f(products) − ΣnΔH°f(reactants)
Finally, you should understand bond enthalpy well enough to explain why breaking bonds requires energy, forming bonds releases energy, and calculate an approximate reaction enthalpy using:
ΔHrxn ≈ Σ(bonds broken) − Σ(bonds formed)
If you can move comfortably between energy diagrams, calorimetry, heating curves, balanced equations, Hess's law, formation enthalpies, and bond enthalpies, you understand the main logic behind AP Chemistry Unit 6.

