Chapter 1
Chemical Foundations

Chapter Objectives:

In this chapter, you will learn some of the key terms, the “language of chemistry”, a standard system of scientific measurements, and problem solving methods.  These tools are necessary to describe chemical systems and solve scientific problems.

Reading:  Pages 1 – 30

You should be able to :

1. Define and use the terms listed in “Key Terms”.
2. Explain the scientific method.
3. Know the common units of the metric system for volume, length, and mass, as well as the common prefixes.
4. Define temperature and convert between temperature in Celsius, Kelvin, and Fahrenheit.
5. Know the difference between precise and accurate measurements and how to express the degree of precision with the correct number of significant figures.
6. Understand the unit conversion method of problem solving and convert between English and metric units.
7. Estimate answers correctly, using significant figures.
8. Classify matter.
CHAPTER 1:  Chemical Foundations

1.1 The Scientific Method

A.  General Framework

1.  Making observations

a. Quantitative (measurement)

b. Qualitative (color, shape, phase, etc.)

2.  Formulating hypotheses (prediction)
3.  Performing experiments to test the prediction

B.  Key Terms
1. Observation – Something that is witnessed and can be recorded.

2. Theory (Model) – 

a) Tested hypothesis that explains WHY nature behaves a certain way.
b) Theories change as more information becomes available.

3.  Natural Law – A summary of observed, measureable behavior.

Ex.  Law of Conservation of Mass
1.2 Units of Measurement

A.  Measurements

1.  Number and scale (units) are BOTH essential.

“A number without a unit is worthless.”

2.  Scientific Notation

                     a.  Formula:  (# btwn 1.0 and 9.9) x 10power
     b.  Note:  If exponent is (+) ( big number

                     If exponent is (-)  ( small number

Ex. Put in scientific notation

1)  53000 
2)  0.0023
Ex.  Change from scientific notation to decimal form.

3)  4.3 x 10-6
4)  6.09 x 108
Ex.  Choose the larger concentration:

5)  7.9 x 10-3 M     or     4.8 x 10-9 M?
      Ex.  Choose the smaller mass:

6)  5.62 x 10-2 kg     or     9.11 x 10-31 kg?

B.  Important SI Units for Chemistry
	mass
	kilogram
	kg

	length
	meter
	m

	time
	second
	s

	temperature
	Kelvin
	K

	amount of substance
	mole
	mol

	volume
	liter
	L


C. SI Prefixes
	mega
	M
	1,000,000
	106

	kilo
	k
	1,000
	103

	hecto
	h
	100
	102

	Deka
	da
	10
	101

	base
	
	1
	100

	deci
	d
	0.1
	10-1

	centi
	c
	0.01
	10-2

	milli
	m
	0.001
	10-3

	micro
	µ
	0.000001
	10-6

	nano
	n
	0.000000001
	10-9


1 Megameter (Mm) = 1 x 106 meters

1 kilometer (km) = 1000 meters

1 hectometer (hm) = 100 meters

1 dekameter (dkm or dam) = 10 meters

---------------------------------------------

1 meter = 10 decimeters (dm)

1 meter = 100 centimeters (cm)

1 meter = 1000 millimeters (mm)

1 meter = 1 x 106 micrometers (μm)

1 meter = 1 x 109 nanometers (nm)

1 meter = 1 x 1012 picometers (pm) 
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Dimensional Analysis (Fencepost Method)

A. Look at examples on pages 18-21

B.  Unit conversion questions:


1.  What units were given?


2.  What units am I asked for?


3.  What is the conversion factor?

**Full credit will not be given for any problems in which you do not do all of the following:

1. Observe significant figure rules.

2. Label all steps of your work with correct units.

3. Correctly label and identify your answer.

4. Solve the problem in a logical manner that can be understood by the reader.

Example #1: 23 km = ___________ m


Example #2: 400 nm = __________ m
Example #3: 133 cm = ___________ km 


Example #4: 0.8 hm = ___________ mm


Example #5: 65 mol/L = ___________ mol/mL 

More Examples:

1) 55 Joules = ________ cal   (4.18 Joules = 1 cal)
2) 4.3 hours = ________ sec
3) 5 m/s = _______ km/h
4) 5 mol/L = ______ mol/mL 

1.4  Uncertainty in Measurement

A.  Recording measurements from equipment



1.  Record all digits that are certain.



2.  Record the first digit that is uncertain.  (All measurements have some

     degree of uncertainty.)

3.  Uncertainty in the last number is +/- 1, unless otherwise noted.

B.  Accuracy – The agreement of a particular value with the accepted true value. (How close a measurement is to the correct value.)
C. Precision – The degree of agreement among several measurements made in the same way.  (How close a set of measurements are to each other.)
D. Errors

1.  Random errors (indeterminate errors)

                 a. Measurements may be high or low

      b.  Causes:


*  Interpretation of the uncertain digit


*  Procedural ineptness

2.  Systematic errors

a. Always occur in the same direction

b. Caused by poor measurement calibration

· Gun sight set too high/low

· Balance improperly zeroed

· Thermometer improperly marked

3.  Percent Error:     accepted – experimental    x 100
                                                                  accepted
1.5  Significant figures and calculations
1.  Nonzeroes are always significant.
2.  Sandwiched zeros and zeros to the right of a decimal are significant.

Ex.  504 and 4002 and 4.0003

Ex.  33.00 and 4.10
3.  Zeros used as placeholders are not significant.

Ex. 0.0043 and 0.06

Ex. 800 (unless 800.)
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A.  To determine the number of significant figures:

1.  If decimal is PRESENT.  Think “Pacific” and start on the first non-zero number

     on the left.  Count towards the U.S….so count all digits to the RIGHT.

2.  If decimal is ABSENT.  Think “Atlantic” and start on the first non-zero number

           on the right.  Count towards the U.S….so count all digits to the LEFT.

B.  Addition and Subtraction

1.  Round your answer to the number of decimal places that matches the least 
           number of decimal places you started with.


     Ex.  34.021 m  +  0.15 m  +  2.589 m   +  90.1 m = 126.860 m  (  126.9 m
C.  Multiplication and Division

1.  Round your answer to the number of significant figures that matches the

           least number of significant figures you started with.


     Ex.  2.87 cm x 18.62 cm x 9.3 cm = 496.98642 cm3  (  5.0 x 102 cm3
D. Rules for Rounding


1.  You SHOULD round at each step…but it’s acceptable to round at the end of a

           series of calculations.


2.  Use only the first number to the right of the last sig fig to decide how to round.



a.  Less than 5, keep it the same.



b.  5 or more, round up.
**You never need to ask  “Do we have to watch our sig. figs.?”  The answer for this class is always YES!!!**
   Ex.  Write the answers to the correct number of significant figures:

a)  5.400 + 2.3 + 20 =

b)  42 x (4.1 - 0.18) = 

1.6  Temperature

A.  Celsius (oC) and Kelvin (K)


1.  K = C + 273.15


2.  C = K – 273.15


3.  Size of the temperature unit (degree) is the same.

B.  Fahrenheit


1.  TC = (TF – 32) x (5/9)

2.  TF = (TC x 9/5) + 32

1.7  Derived Units
A.  Volume 

*  length x width x height 
*  m3
*  Remember:   1 cm3 = 1 mL  and   1 dm3 = 1 L 

How do you find the volume of an irregularly shaped object?
* Water displacement
B.  Density  =  mass
                        volume
Mass (m) – grams (g)

Volume (V) – milliliters (mL) or L or cm3
Density (d) – g/mL or g/L or g/cm3
Different substances & mixtures have different densities. 

Example:  What is the mass of 5.0 mL of mercury if the density of mercury is 13.6 g/cm3?

1.8  Classification of Matter

A.  Matter – Anything that occupies space and has mass

B.  States of Matter

     1.   Solids – rigid, fixed volume and shape

     2.   Liquids – definite volume, no definite shape

     3.   Gases – no fixed volume or shape, particles far apart & easily compressible

Mixtures – Matter of variable composition


1.  Heterogeneous mixtures


a.  Having visibly distinguishable parts


2.  Homogeneous mixtures (solutions)



b.  Having visibly indistinguishable parts

D.  Components of mixtures can be separated by physical means

1.  Distillation


2.  Filtration


3.  Chromatography

E.  Pure Substances

1.  Elements

    a. Cannot be decomposed into simpler substances by physical or 

         chemical means


2.   Compounds
     a.  Constant composition

     b.  Can be broken into simpler substances by chemical means, not 

           by physical means

The Organization of Matter

F. Physical Properties – Can be observed without changing the identity

1.  Extensive Properties – Depend on the amount of matter present.

Ex.  Volume, mass
2.  Intensive Properties – Don’t depend on the amount of matter present.

Ex.  color, conductivity
G.  Changes

1.  Physical change – Does not involve a change in the identity of the substance.

Ex.  change size, shape, state of matter, dissolving

2.  Chemical change (or chemical reaction) – Changes the identity of the substance.

Reactants  (  Products

CaCl2 + 2KBr  (  CaBr2  +  2KCl

Atoms are rearranged to form new compounds. 
Ex.  Rotting, baking, burning

* Signs of a chemical change – odor, sound, color change, precipitate, light, heat, etc.
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