Notes on teaching Chemistry 126 using Introduction to Molecular Thermodynamics
Bob Hanson

Day 9 (Wed 2/27/2002):
Chapter 4, Sections 4.6-4.12

Internal Energy and the First Law: The Macroscopic Perspective

Summary: In lab, students are going to be measuring q using a simple styrofoam cup calorimeter. Because there is no volume change (we deal with that later), ΔH = ΔU = q. Not something to mention yet, of course, but something to at least keep in mind. One of the most difficult aspects of this story appears to be the relationship between a real chemical system, involving some number of moles of reactant going to product, and the chemical equation for that reaction, which involves a certain integer number of moles of reactant going to product. I’ve been careful in the book to remove the “per mole” designation when writing amounts of energy associated with chemical equations. This avoids the “per mole of what?” issue and fits very well with our standard treatment of units.  It’s a convention used throughout the book, but it may not be one you are comfortable with. You decide. 

1. Heat capacity (C) is not a difficult concept to get across. On a microscopic scale there is a connection between the heat going into a system and the populations of energy levels. That has to affect the temperature if energy level positions are not being changed (either through work or chemical reaction). What may not be obvious is the approximation that q = CΔT. This can actually be demonstrated using the WINTROPY program using 100 particles and a 1000 units of energy. You can easily demonstrate, for example, that putting x units of energy into a system with energy level spacings of 1 unit leads to a different temperature than putting the same number of units of energy into a system with energy level spacings of 2 units. Thus, each real chemical system has its own unique heat capacity.

2. Macroscopic PV work relates (pretty much) only to gases, where we use the ideal gas law to bypass units of liter-atmospheres ​–(PΔV) and go directly to Joules –Δ(nRT). Note that in some cases this is –(Δn)RT and in other cases it is –nR(ΔT). The main point is that generally work is a minor component and can be ignored even for the most dramatic chemical reactions. (Chemists ignore their work?)

3. Calorimeters require careful discussion. It’s very important to make the distinction here between system and surroundings. Always ask the question, “Where is the thermometer?” (Probably—but not always—in the surroundings.) The other point here is the distinction between the actual system and the equation we write for the chemical reaction. You can’t overemphasize the need to be careful here and write your units. “Per mole of what?” is the essential question!

