Chapter 6
Thermochemistry

Chapter Objectives:  Thermochemistry is the study of heat changes that occur during reactions.  In order to understand heat changes, we first define different types of energy changes that take place.  The First Law of Thermodynamics is introduced, as well as the concept of state functions.  We will then use these concepts to calculate energy changes for reactions.
Reading:  Pgs. 246-283
Problems:  

Day 1: Section 6.1  p. 286 (25, 26, 27, 29, 31, 35, 39)


Day 2: Section 6.2  p. 287 (41, 43, 45, 47, 52, 55, 59, 61, 65)

Day 3: Sections 6.3 – Hess’s Law Worksheet

                        Section 6.4 p. 288 (79, 81(a. only), 83, 85, 87)
You should be able to:
1. Define kinetic and potential energy.

2. Define heat and work.

3. State the first Law of Thermodynamics and know how to apply it.

4. Describe what is meant by a state function.

5. Define enthalpy and calculate enthalpy changes.

6. Know how quantities of heat are measured and define heat capacity.

7. Define molar heat capacity and specific heat.

8. State Hess’s Law and know how to apply it.

9. Use ΔHfo to determine the enthalpy changes for chemical reactions.

Chapter 6 – Thermochemistry

6.1 The Nature of Energy


A. Definition

1.  Energy is the capacity to do work (or to produce heat*)



a.  Work is a force acting over a distance (moving an object)



b.  *Heat is actually a form of energy.  (Usually involves a transfer of energy.)



(1)  Chemicals may store potential energy in their bonds

                                            that can be released as heat energy.


B. Law of Conservation of Energy – (1st Law of Thermodynamics)

1.  Energy can be converted from one form to another, but cannot be


      created or destroyed.



a.  Potential Energy – Energy due to position or composition.



b.  Kinetic Energy – Energy due to the motion of an object.




KE = ½ mv2
C.  Heat and Temperature


1.  Temperature reflects random motion of particles in a substance.


2.  Temperature indicates the direction in which heat energy will flow.


3.  Heat is a measure of energy content


4.  Heat is what is transferred during a temperature change.

D.  State Functions


1.  A property of a system that depends only on its present state.


2.  State functions do not depend on what has happened in the system, or

                 what might happen in the system in the future.


3.  State functions are independent of the pathway taken to get to that state.

        Example – A liter of water behind a dam has the same potential energy for work, regardless of whether it flowed downhill to the dam, or was taken uphill to the dam in a bucket.  The potential energy is a state function, dependent only on the current position of the water, not on how the water got there. 

      State Functions – P, V, ∆H, T, ∆S (entropy), ∆E (internal energy), ∆G (Gibb’s Free energy)
      Not State Functions – q (heat) and w (work)     (energy changes, not state functions)
E.  Chemical Energy


1.  Exothermic reactions


a.  Reactions that give off energy as they progress.



b.  Some of the potential energy stored in the chemical bonds is

                             converted to thermal energy (random KE) through heat.



c.  Products are generally more stable (stronger bonds) than

                              reactants.


Example:  Combustion is always exothermic.



d.  Phase changes can also be exothermic (condensation, freezing, deposition)


2.  Endothermic reactions


a.  Reactions in which energy is absorbed from the surroundings.



b.  Energy flows into the system to increase the potential energy of

                             the system.



c.  Products are generally less stable (weaker bonds) than reactants.



d.  Phase changes that are endothermic – vaporization, melting, sublimation

**Exothermic reactions are favored in nature!!**
**Helpful conversion:  101.3 J = 1 L*atm
F.  Thermodynamics


Writing values:



- Numbers ( magnitude of change  (Take the system’s point of view.)



- sign (+/-)  ( indicates direction of flow


In any exothermic reaction, some of the potential energy stored in chemical bonds is being converted to thermal energy (random kinetic energy) via heat.


1.  System Energy (internal):    Internal energy = sum of PE + KE of all particles in a system
                                                  ΔE = U = q + w


a.  q = heat




(1)  q is positive in endothermic reactions.




(2)  q is negative in exothermic reactions.



b.  w = work




(1)  w is negative if the system does work on the surroundings.



(2)  w is positive if the surroundings do work on the system.


*Remember:   Ein ( (+)         Eout ( (-)


2.  Work done by gases:   
                                                      w = -PΔV              (note – pressure is external)


a.  by a gas (through expansion)




(1)  ΔV is positive




(2)  w is negative



b.  to a gas (by compression)




(1)  ΔV is negative




(2)  w is positive
6.2  Enthalpy and Calorimetry


A.  Enthalpy – (state function) – sum of the internal energy and the pressure/volume

                                                                   product of a system.


              H = E + PV


E ( internal energy


P ( pressure of the system



V  ( volume of the system


1.  In systems at constant pressure, where the only work is PV, the change in enthalpy is due only to energy flow as heat (ΔH = heat of the reaction).     



  ΔH = Hproducts - Hreactants



a.  ΔH is negative for exothermic reactions.




b.  ΔH is positive for endothermic reactions.


*Note: ∆H for a reaction is PER MOLE (kJ/mol).  To get JUST energy, you have to cancel moles!
[image: image1.emf]

B.  Calorimetry – science of measuring heat



*  Note ( 1 Joule = 1 kg*m2           1 atm*L = 101.3 J
                                                               s2


1.  Heat capacity (C)




a.  ratio of heat absorbed to increase in temperature.  Unit:  J/oC or J/K



C =   heat absorbed



       temperature increase


2.  Specific heat capacity  (  unit is      J   .          ((Note:  Specific heat H2O = 4.18 J/goC)
                                                                                     g oC




a.  Energy to raise the temp of 1 gram of a substance by 1oC



3.  Molar heat capacity  (  unit is       J     .
                                                                                 mol oC




a.  Energy to raise the temp of 1 mole of a substance by 1oC

C.  Constant Pressure Calorimetry (solutions)



1.  Calculating Heat of Rxn, ΔH




a.  ΔH = (mass of soln) x (specific heat) x (change in temp) 
                                        ΔH = mCpΔT                  (Note:  ∆T = Tfinal – Tinitial)


2.  Heat of rxn is an extensive property (dependent on the amount of substance)



a.  ΔH is proportional to moles of reactant


**qrxn = ∆H if constant pressure!!


D.  Constant volume calorimetry



1.  Volume of bomb calorimeter cannot change, so no work is done.



2.  The heat capacity of the calorimeter must be known, generally in kJ/oC.



**qrxn = ∆U if constant volume!!
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ΔE = q + w       if w = 0, then ΔE = q
**  You GET energy when you form a bond.

**  It TAKES energy to break a bond.
6.3  Hess’s law


A.  Statement of Hess’s Law


1.  In going from a particular set of reactants to a particular set of products, the



     change in enthalpy (ΔH) is the same, whether the reaction takes place in one



     step or in a series of steps.

One step:      N2(g)  +  2O2(g)  (  2NO2(g)                 ΔH1 = 68 kJ


Two steps:    N2(g)  +  O2(g)  (  2NO(g)

  ΔH2 = 180 kJ



          2NO(g)  +  O2(g)  (  2NO2(g)
              ΔH3 = -112 kJ

 

          N2(g)  +  2O2(g)  (  2NO2(g)

ΔH2 + ΔH3 = 68 kJ


B.  Characteristics of Enthalpy Changes



1.  If a reaction is reversed, the sign on ΔH is reversed. 



N2(g)  +  2O2(g)  (  2NO2(g)                 ΔH = 68 kJ




2NO2(g)  (  N2(g)  +  2O2(g)
                 ΔH = -68 kJ



2.  The magnitude of ΔH is directly proportional to the quantities of reactants and

                              products in a reaction.  If the coefficients in a balanced reaction are multiplied

                              by an integer, the value of ΔH is multiplied by the same integer.


C.  Using Hess’s Law



1.  Work backward from the final reaction.



2.  Reverse reactions as needed, being sure to also reverse ΔH.



3.  Remember that identical substances found on both sides of the summed

                             equation cancel each other.
6.4 Standard Enthalpies of Formation


A.  Standard State  (conditions – 1 atm, 25oC, 1 mole)  If standard, than us o as a superscript: ∆Ho


1.  For a compound




a.  Gaseous state





(1) pressure of 1 atm




b.  Pure liquid or solid





(1) standard state is the pure liquid or solid




c.  Substance in solution





(1)  concentration of 1M



2.  For an element




a.  the form in which the element exists at 1 atm and 25oC


B.  Standard Enthalpy of Formation (ΔHfo)



** ΔHfo ( unit is kJ/mole     (always per 1 mole of product!)



**  Reaction is written in standard states and with only 1 mole of product formed.



1.  The change in enthalpy that accompanies the formation of one mole of a

                             compound from its elements with all elements in their standard state.


C.  Calculating enthalpy change



1.  When a rxn is reversed, the magnitude of ΔH remains the same, but its sign



     changes.



2.  When the balanced eqn for a rxn is multiplied by an integer, the value of ΔH



     must be multiplied by the same integer.



3.  The change in enthalpy for a rxn can be calculated from the enthalpies of



     formation of the reactants and products.

ΔHreaction = ΣnpΔHof (products)  -  ΣnrΔHof (reactants)


4.  Elements in their standard states are not included.




a.  For elements in their standard state, ΔHfo = 0

6.5  Combustion and Respiration


Combustion of fuels ( energy


Combustion of foods (  energy  (respiration)

1.  Fossil fuels – coal, natural gas, petroleum

 Renewable energy sources – solar energy, wind

a. Coal – complex organic compound containing mainly C, some H, O, N, S



Fuel value depends on C content



Disadvantages – produces CO, soot, ash, Sox, and NxOy gases

b. Natural gas – methane with some ethane, propane, and butane



Burns more cleanly



Some CO, soot, NxOy gases

c. Petroleum – complex mix of nydrocarbons



Fractional distillation to separate

2.  Food

a. Carbohydrates – preferred fuel  (2903 kJ/glucose molecule)

b.  Fats – preferred energy storage molecule (2x as much energy/g as carbs)

c. Proteins – energy value similar to carbohydrates

