Thermochemistry
The study of energy changes that occur during a chemical reaction.

Units we will use include  


Joules (J) and calories (cal)   1 cal = 4.184 J
Definitions

System : part of the universe we are studying, usually a reaction

Surroundings : the rest of the universe

Internal Energy = E = all of the energy in a system




kinetic energy + potential energy




kinetic energy (thermal energy) : movement of the molecules

potential energy (chemical energy) : interactions between subatomic particles,  bonding energy, intermolecular interactions
Temperature : is a measure of the kinetic energy from translational motion of molecules in a system.


When two areas have different temperatures, their molecules have different amounts of translational kinetic energy.  

Heat (q) : energy transfer between a system and it’s surroundings caused by a difference in temperature.  

First Law of Thermodynamics : Energy is neither created or destroyed.

Exothermic : a process that releases energy, q is negative, heat moves from the system to 

the surroundings
Endothermic : a process that absorbs energy, q is positive, heat moves from the 

surroundings to the system
ΔE = q + w
So if the energy of a system changes there are two places it can go.


q        heat     energy transferred in (or out) which changes the kinetic energy (T)


w       work    it can do work

Work (w) : force x distance

there are two types we see in General Chemistry, PV work and electrical work

for now we will focus on PV work

Most reactions are done at either constant pressure or constant volume.
Constant Pressure

w = - PΔV    if pressure is constant work will be equal to the pressure times the change in volume.  The sign is negative, this indicates the system is *losing* energy (because it is *doing* work on it’s surroundings).  We use the subscript “p” to indicate constant pressure.
ΔE = q p – PΔV
Constant Volume

If volume is constant ΔV = 0 which means ΔE = qv.
The subscript “v” means the volume is constant.
Enthalpy

Enthalpy  (H)   =  the sum of the internal energy and the pressure-volume product.

H = E + PV                so   ΔH = ΔE + Δ (PV)
If pressure is constant (as it usually is for most of our reactions...)

ΔH  = ΔE + PΔV
or , since ΔE = q p – PΔV  rearranges to q p = ΔE + PΔV

ΔH = qp 
*under conditions of constant pressure enthalpy = heat*

Enthalpy is an extensive property : it depends on how much stuff you have


Extensive Properties :  mass,  volume

Intensive Properties :  temperature, density
Enthalpy is a State Function :  the value for the change in enthalpy doesn’t depend on the path you use to get from the initial to final states.  State functions are path independent

State Functions :  altitude

Not State Functions : distance
Stoichiometry Problems

The change in enthalpy is often written next to a balanced reaction and can be used in stoichiometry problems.

Example

The combustion of methane CH4 is given below.  How many joules of energy are released when 12.5 grams of methane are combusted in an excess of oxygen?

CH4 (g) + 2 O2 (g) → CO2 (g)  + 2 H2O (l)

ΔH = -890.4 kJ

Example

How many joules of energy are released when 5.00 moles of phosphorous are reacted with excess bromine?

2 P(s) + 3 Br2 (l) → 2 PBr3 (l)

ΔH = -278 kJ

Calorimetry

Calorimetry is how we measure the heat of a reaction.

Heat Capacity (C) : heat required to increase the temperature of a system by 1 degree

Specific Heat Capacity: heat capacity of a 1 gram sample, how much energy it requires to increase the temperature of 1 gram by 1 degree
Molar Heat Capacity : heat capacity of a mole of sample, how much energy it requires to increase the temperature of 1 mole by 1 degree

q = m x sh x ΔT



q is the energy required for the temperature change, J or cal



m is the mass of the object changing temperature, g



sh is the specific heat for the object



ΔT is the change in temperature

Example

How much energy is required to increase the temperature of a 25.00 gram block of aluminum from 20.00˚C to 85.00˚C?  The specific heat of aluminum is 0.900 J/g ˚C

Example

A 3.50 gram piece of copper absorbed 2100 calories of energy.  If the copper was initially at 22.5 ˚C, what is the new temperature?  The sh for Cu is 0.386 J/ g ˚C.

Constant Pressure Experiments



atmospheric pressure



used for reactions in solution (little volume change)



Some assumptions we often use for these problems.....




1.  Solution volumes are additive




2.  A dilute aqueous solution has the same specific heat as water





4.184 J/gC




3.  No heat escapes from the calorimeter

Example
A 15.5 gram sample of a metal alloy was heated to 98.9˚C and dropped into 25.0 g of water in a calorimeter.  The temperature of the water rose from 22.5 ˚C to 25.7 ˚C.  What is the specific heat of the alloy?
Example

125.0 ml of 1.33 M HCl was reacted with 225.0 ml of 0.625 M NaOH.  Both solutions were initially at 24.4 ˚C.  Assuming the calorimeter absorbs no energy, what will be the final temperature of the water?  The ΔH for neutralization is -57.2 kJ/mole of H2O formed.
The previous examples assumed that the energy absorbed by the calorimeter was negligible.  We can take the calorimeter into account when setting up our experimental design and measure a calorimeter constant.

Example

A 5.40 g sample of CaO was added to 500. ml of water in calorimeter.  The calorimeter has a heat capacity of 350 J/K.  The temperature of the water increased 2.60 K.  What is the ΔH in kJ/mol CaO for this reaction?

CaO  +  H2O  → Ca(OH)2
Constant Volume Experiments


uses a bomb calorimeter



used for reactions involving gases, often combustion reactions
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Example
The heat capacity of a bomb calorimeter was measured to be 5.15 kJ / ˚C.  A 0.480 gram sample of carbon was placed in the calorimeter and combusted in an excess of oxygen.  The initial temperature of the bomb, water, and reactants was 25.00 ˚C.  After the reaction the temperature rose to 28.05 ˚C.  What is ΔH for the reaction in kJ/mole C?

In your book the calorimeter constant given usually includes the water in the calorimeter.  In some questions you encounter you consider the water and calorimeter separately.  You will know that is the case because you will be given the amount of water use.

Example

1.000 g sample of octane (C8H18) is burned in a bomb calorimeter containing 1200 grams of water at an initial temperature of 25.00ºC. After the reaction, the final temperature of the water is 33.20ºC. The heat capacity of the calorimeter (also known as the “calorimeter constant”) is 837 J/ºC. The specific heat of water is 4.184 J/g ºC. Calculate the heat of combustion of octane in kJ/mol. 

 Standard Enthalpies
Standard enthalpy of reaction = enthalpy change for a reaction when all of the products and reactants are in their standard states

Standard States : P = 1 atm,  T = 25 ˚C (usually, some tables may vary)

Standard enthalpy of formation = the enthalpy of reaction for forming a substance from it’s elements in their standard states.    ΔHf o
Examples

C (s)  +  O2 (g) →  CO2 (g)

ΔHf o = -393.5 kJ / mol
Ba (s)  +  Cl2 (g) → BaCl2 (s)

ΔHf o = -858.6 kJ / mol
C (s)  +  2S (s)  →  CS2 (s)

ΔHf o = 117.36 kJ / mol
C (s)  +  2 F2 (g) → CF4 (g)

ΔHf o = -925 kJ / mol
The standard enthalpy of formation for an element in it’s standard state is 0.

H2 (g) →  H2 (g)  


ΔHf o = 0 kJ / mol

Normally when these are put in tables we only list the products instead of showing the entire reaction.

CO2 (g)
-393.5 kJ / mol
BaCl2 (s)
-858.6 kJ / mol
CS2 (s)

117.36 kJ / mol
CF4 (g)

-925 kJ / mol
H2 (g) 

0 kJ / mol 

Hess’ Law

The enthalpy change for a reaction will be the same regardless of the path by which the reaction occurs.

Example

Path 1
for oxidizing carbon
C + ½ O2 →  CO




ΔH =  -110.5 kJ 

Path 2 for oxidizing carbon

C  +  O2  →  CO2




ΔH =  -393.5 kJ

CO2 → CO  + ½ O2




ΔH =  283.0 kJ

overall     C + ½ O2 →  CO



ΔH =  -110.5 kJ

Example 
Path 1 for oxidizing ethane


C2H6  +  3.5 O2  →  2 CO2  +  3 H2O   

ΔH = -1560.4 kJ

Path 2 for oxidizing ethane


C2H6 →  C2H4  +  H2




ΔH = + 136.2 kJ

C2H4  +  3 O2  →  2 CO2  +  2 H2O


ΔH = -1410.8 kJ


H2 + ½ O2 → H2O




ΔH = -285.8 kJ


overall = C2H6  +  3.5 O2  →  2 CO2  +  3 H2O          ΔH = -1560.4 kJ
Example
Given the reactions below determine the ΔH for 


2 P(s) + 5 Cl2 (g) → 2 PCl5 (s)

2 P (s) + 3 Cl2 (g) → 2 PCl3 (g)  
ΔH = -574 kJ

PCl3 (g) + Cl2 (g) → PCl5 (s)

ΔH = -87.9 kJ
OR....

If we don’t have ΔH data for the steps that make up an overall reaction....

We can use Hess’ Law, along with a table of standard enthalpies of formation, to find the ΔH of a reaction.

ΔH = (sum of standard enthalpies of formation of products) – (sum of standard ethalpies of reactants)

*Note, the standard enthalpy of formation for an element in it’s most stable state is 0

Example

Find the ΔHrx  for  2 NO (g) + O2 (g) → 2 NO2 (g)



ΔHf o (kJ/mol)
NO (g)

90

O2 (g)

0

NO2 (g)
34
Example

Find the ΔHrx  for  2 NH3 (g)  +  7/2 O2 (g) → 2 NO2 (g) + 3 H2O (g)


ΔHf o (kJ/mol)
NH3 (g)
-46

O2 (g)

0

NO2 (g)
34

H2O (g)
-242
Enthalpies of Combustion

The enthalpy of combustion is the enthalpy for the complete combustion of a substance to form CO2 (g) and H2O (l).
Example

determine the heat of combustion for the reaction

C2H5OH (l) +  3 O2 (g)  → 2 CO2 (g)  +  3 H2O (l)     H = 


ΔHfo (kJ/mol)
C2H5OH (l)
-278
O2 (g)

0

CO2 (g)
-393.5

H2O (l)

-286
Example

What mass of propane (C3H8) is required to heat 240 L (about 50 gal) of water from 15oC to 60oC for a bath? The standard enthalpy of combustion of propane is 2220 kJ.mol-1 and the specific heat capacity of water is 4.18 J.(oC)-1.g-1.

