Chapter 1 - Chemical Foundations

What is Chemistry?

Chemistry is the study of matter and changes it undergoes, which include the energy change that accompanies the process of change. 

Chemistry probes the smallest basic particles of matter to understand how and why changes occur and why matter behaves in a certain way. 

Matter is the material of the universe – anything that has a mass and occupies space (has volume)

We are made up of and surrounded by chemical substances - our body, the air we breathe, water we drink, food we eat, clothes we wear, and the ground we walk on, are all composed of mixtures of chemical substances.  Everything that we can touch, see or smell, (and even those that we cannot feel, see, or smell), are chemical substances.    

Chemistry is also referred to as the central science, because it occupies a central position among the sciences, such that much research in chemistry today overlaps with physics, biology, geology, and other branches of science. 

Chemistry is divided into five subdivisions: 

- analytical, biological, organic, inorganic, and physical. 

· Analytical chemistry studies the qualitative and quantitative aspects of matter. 

· Biological chemistry (biochemistry) is concerned with the living systems. 

· Organic chemistry is the study of the properties and reactions of compounds that contain carbon skeleton. 

· Inorganic chemistry is the study of all substances that are not organic. 

· Physical chemistry studies the physics aspect, such as heat transfer, of chemical change.

Chemistry is the gateway to careers is scientific research, medicine, biological and physical sciences, pharmacy, nursing and many more. 

The Scientific Approach 


This is an organized way of making critical observations (collecting data), proposing hypotheses, making predictions, doing experiments to test the hypotheses, and summarizing the tested hypotheses into a set of theory.

The scientific method is based on the following steps:

1.
making critical observations and collecting data

2.
formulating a hypothesis and making predictions based on carefully made observations

3.
conducting experiments to test the hypothesis

4.
modify the hypothesis as necessary and more experiments

5.
summarizing the tested hypotheses into a set of theory
6.
summarizing the observed (repeated) behavior of nature into law.
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How does the Scientific Method work?


The scientific approach usually begins with observations – data collection. After enough data have been collected, one or more hypotheses are proposed to explain the data. A hypothesis is a preliminary (logical) explanation that attempts to answer the observed phenomenon - why things behave the way they are.  Once we have these hypotheses, we can make predictions as to what would happen if certain conditions that we thought influence the events are altered. That is, each hypothesis is tested through a series of controlled experiments that would test its validity. If the experimental data support the hypothesis, that hypothesis is kept for further testing. Otherwise, it is discarded and a new one proposed and tested. Once several hypotheses are acceptable, they can be assembled into a theory. 

A theory (or model) is a set of tested hypotheses that attempt to explain a certain behavior of nature.  However, a theory is not the end product in scientific studies.  It is always subjected to more tests and modifications.

Through observations and collections of experimental data certain patterns of behavior may become apparent.  If these patterns persist and universal, regardless of when or where the experiments were carried out,  they are summarized into a general statement that we call law.  A scientific law is a concise statement or mathematical equation about a behavior of nature but not the reason for such behavior.  While a theory provides an explanation for the behavior.

Although most scientific discoveries are made through this laborious process, some may be stumbled upon by chance. This is called serendipity. The discovery of X-ray that led to its medical application is a good example of serendipity. It was discovered at the end of the 19th. Century while J.J. Thomson and his co-workers were studying the nature of radiation in cathode-ray tubes. 

Units of Measurement

Observations or data collections are so fundamental in scientific studies. They can be qualitative or quantitative type.

· Qualitative observations are those that do not require instruments or measuring devices. No numerical value is involved; relative sizes (large or small), relative hotness (warm, hot or cold), and colors, are all examples of qualitative observations.  

· Quantitative observations are those that require measuring devices.  Results are expressed in numerical form, which contains numbers and specific units.

Types of Numbers – the decimal form and scientific notation
· Scientific Notations are numbers written in the exponential form: N x 10n, 


where,  N = 1 - 9.9999..., and n is an integer (1, 2, 3,... etc.)

Examples: 
1) 9.17 x 107 = = 9.17 x 10,000,000 = 91,700,000;  



2) 1.68 x 104  =  1.68 x 10,000  =  168,000



3) 2.35 x 10-5 =  2.35 x 0.00001 =  0.000023 5

In scientific notation,  105 ( 10 x 10 x 10 x 10 x 10 = 100,000

and  10-5 = 1/105 ( (1/10) x (1/10) x (1/10) x (1/10) x (1/10) = (1/100,000) ;

102 x 103 =  10(2+3) = 105;  
105 x 10-2 = 10(5-2) = 103;


103 ÷ 102 =  10(3-2) = 101;
103 ÷ 10-2 = 10(3+2) = 105;

Types of Units:

English or Imperial Units - used mainly in U.S.A.

Metric Units - used by almost everyone in the rest of the world;

SI Units - derived from the metric system

Examples of English Units:


Mass:   pound (lb.), ounce (oz.)


Length: inch (in.), feet (ft.), yard (yd.), mile (mi.)


Volume: pint (pt.), quart (qt.), gallon (gall.), cubic feet (ft3),.

Examples of Metric Units:


Mass:
  gram (g), kilogram (kg), milligram (mg), microgram (mg), etc..


Length: meter (m), kilometer (km), centimeter (cm), millimeter (mm),.


Volume: liter (L), milliliter (mL), cubic centimeter (cm3), 

SI Base Units:

mass: kg;  length: m;  volume: m3;  amount of substance: mol;  

time: s;  temperature: K; energy: J;  current: ampere (A);  

electrical charge: Coulomb (C).

Measurements of Physical Properties:

· Mass is the quantity of matter that an object contains;  the mass of an object is constant regardless of the location that measurement is made. 

· Weight is a force due to gravitational pull;  its value depends on the mass of the object and on the gravitational constant acting on the object.  

· Volume is the amount of space an object occupies

Common Prefixes used in the Metric System:


G = Giga => 109;

M = Mega => 106;

k = kilo => 103;


d = deci => 10-1;

c = centi => 10-2;

m = milli => 10-3;


 = micro => 10-6;

n = nano => 10-9;

p = pico => 10-12;

Conversion Factors in the Metric System:

Mass:
1 kg = 103 g;  
length: 1 km = 103 m;  
1 m = 10-3 km


1 g = 10-3 kg;  

  1 cm = 10-2 m;  
1 m = 102 cm


1 mg = 10-3 g; 

  1 mm = 10-3 m;  
1 m = 103 km;


1 ng =  10-9 g;

  1 nm = 10-9 m;
1 m = 109 nm;

Volume: 1 L = 103 mL; 
1 mL = 1 cm3;
1 cm3 = 103 mm3;
1 dL = 102 mL


  1 m3 = 103 L;
1 m3 = 106 cm3 = 106 mL;

Exercise-1:

1.
What is 480.3 nm in meters and in (a) meters; (b) centimeters?

2.
If 1 mi = 1.609 km, what is 26.2 miles in (a) kilometers? (b) meters?

3.
An automobile tank can hold up to 12.0 gallons of gasoline. What is its capacity in liters?

___________________________________________________________________________

Uncertainty in Measurement and Significant Figures
When a value is obtained using measuring devices, some degree of uncertainty is always associated with this value. Each measuring devise has its limitation and it is important that all values be reported with the degree of uncertainty indicated.

For example, when a 22-mL liquid is measured with a 100-mL or 50-mL graduated cylinder, the following value may be obtained by different persons: 22.0, 22.1, 22.2, etc.  Since the measuring cylinder is graduated in 1 mL, the first digit after the decimal is an estimated value. Thus, different persons would visualized this value differently. On the other hand, a buret is graduated in 0.1 mL. In reading a liquid meniscus in a buret, three students may report a reading as follows: 22.52, 22.53, 22.51, etc. They all agree on the first three digits, but differ on their observation of the last one.  Thus, in reporting a measured value, all digits must be reported, including the last “uncertain” digit that is estimated from the graduation given on the measuring device. These digits, including the last one obtained by estimation, are called significant figures.

Precision and Accuracy

Precision => the reproducibility of measurements of the same kind - how close together are values when they are measured repeatedly.

Accuracy => the agreement of a particular  measured value with the “true” value; the degree of accuracy means how close is the measured value to the true or accepted value.

An instrument may measure with a high precision but gives "incorrect" readings if it has an internal or inherent error. For instruments to give the correct readings, they must be properly calibrated against a standard.

There are two types of errors. 

· A random error means that a measurement has an equal probability of being high or low and occurs when the last digit in a measured value has to be estimated visually. Poor experimental technique or the use of instrument of low precision will result in a large random error. Random error is minimized or “averaged out” when several measurements of the same type are carried out. 

· A systematic error is normally the result of an improperly calibrated instrument. The value obtained is either always too high or too low. Systematic error is avoided if the measuring device is properly maintained and calibrated regularly. When measuring the mass of an object, weighing by difference – that is, weighing an empty container and then container plus the object to be weighed may eliminate this type of error. Any error that is inherent in the instrument will cancel out. 

Significant Figures

When a measurement is made, the value should contain all digits specified by the instrument plus one (and only one) obtained by estimation. The number of significant figures often represents the precision of the measured value. For a given measurement, an instrument that is capable of providing a greater number of significant figures is said to have a higher precision. 

For example, the mass of a penny may be recorded as 2.50 g on a “top-pan” or triple-beam balance. This value is correct between 2.49 and 2.51 g – that is, the balance has a precision of + 0.01 g). When the same penny is weighed on an analytical balance that has a precision of + 0.0001 g, a value of 2.5028 g may be obtained. An analytical balance is about 100 times more precise than the “top-pan”  or “top-loading” balance. More significant figures can be obtained from a high precision instrument.

All values (digits) recorded from a measuring devise are considered significant. In a given numerical values, it is very important that we know the actual number of significant figures so that its precision can be determined. The following are rules used in determining significant figures:

1.
All non-zero digits are significant numbers; 

– the value 124.5 m has 4 significant figures.

2.
All captive zeros are significant figures;



- the value 120.5 has 4 significant figures.

3.
Leading zeros are NOT significant;



- the value 0.01205 has 4 significant figures; the first two (leading) zeros are not counted, but the captive zero is.

4.
Trailing zeros are NOT significant if there is no decimal point indicated, but are significant if the decimal point is indicated.



The value 1,600 has two significant figures; the two “trailing” zeros in this case are not counted. If the above value is written as 1600. (with a decimal point indicated), it would imply 4 significant figures. When a value contains trailing zeros, it is normally better to presented it in the scientific notation to avoid ambiguity in the presentation of the significant figures. Thus, the value 1600 can be presented as 2, 3, or 4 significant figures in the scientific notation, such as 1.6 x 103, 1.60 x 103, and 1.600 x 103, respectively.

5.
Exact numbers have unlimited significant figures. Values obtained by counting or given by definitions have unlimited significant digits (meaning that, the value contains no uncertainty). For example, 5 apples, 1 dozen eggs, or 1 gall = 4 quarts are all values with unlimited significant figures or values with no uncertainty. 

Exercise-2:

1. 
How many significant figures are in the following values:

   
(a) 0.01500 m
        (b 1,500 km

(c) 105,500 cm
(d) 150 houses

___________________________________________________________________________

Determining Significant Figures in Calculations

1. In Multiplications and Divisions, the final answer must be rounded off to the number of significant equals to the given value with the least significant digits. For examples,

(a) 9.546 x 2.31 = 22.1  (not 22.05126 as it appears in the calculator)

(b) 9.546/2.3  = 4.2
  (not 4.1504348 as it appears in the calculator)

Note: If any of the values involved in the calculation is an exact number, this value does not influence or limit the number of significant figures in the final result. For example, if 3 apples weigh 463.5 grams, then the weight of one apple would be 463.5 g/3 = 154.5 g. The result of the division contains 4 significant figures – the 3 apples is an exact number and it does not influence the number of significant figures in the calculation.

2. In Additions and Subtractions, the final answer must be rounded off so that it contains the same number of decimal places as the one with the least decimal place(s). For example,

(a) 53.6 + 7.265 = 60.9
  (not 60.865 as it appears on the calculator)

(b) 53.674 - 7.26 = 46.41   (not 46.414 as it appears on the calculator)

Note:
When a calculation involves a series of operations (multiplication, division, addition and subtraction) only the final answer should be rounded off to the desired significant figures, and not at every step of the operations.

Exercise-3: Evaluate:

(a) (53.674 x 7.265)/25.0  = ?



(b) (75.643 - 26.75)25.0 = ?

___________________________________________________________________________

Rounding off Calculated Values

(a) Determine how many significant figures the answer should have;

(b) Count from the left the number of digits to be retained.

(c) Drop other digits to the right of the last digit retained as follows:


(i) If the first digit to be dropped is less than 5, the last digit retained is not altered;

(ii) If the first digit to be dropped is 5 or greater, the last digit retained is increased by 1.  

For example, the number 6.544 when rounded off to three significant figures yields 6.54; while the number 6.548 when rounded off to three significant figures yields 6.55.

Exercise-4: 

Evaluate the following to the correct number of significant figures:

(a)
(5.376 x 103) x (7.25 x 10-2) ÷ (3.7 x 10-1) = ?

(b) 
(5.763 x 102 + 5.28 x 102) x 0.125 = ? 

___________________________________________________________________________

Median and Average

Median is the middle value of an odd number of measurements or the average of the two middle values for an even number of measurements, arranged in increasing or decreasing order.

Example:

Observation No:
1
2
3
4
5
6

Temperature (oC):
20.40
20.46
20.38
20.50
20.44
20.42

Arranging the values in increasing order we obtain:

Order:
1
2
3
4
5
6

Temperature (oC):
20.38
20.40
20.42
20.44
20.46
20.50

The two middle values are 20.42 and 20.44 oC, and the median is the average of these two values, which is 20.43 oC.

Average or mean is obtained by adding all values and dividing the sum by the number of measurements taken.

The average of the above temperatures is:  


(20.40 + 20.46 + 20.38 + 20.50 + 20.44 + 20.42)/6  =  20.43 oC

————————————————————————————————————————

Dimensional Analysis

Using conversion factor(s) to change values given in one unit to other units:


Value in new unit = (value given in some unit) x conversion factor(s)

Example-1: 

If a person ran a 42-km marathon, what is the distance run in miles? 

(Given:1 mile = 1.609 km)


(1 mi/1.609 km) = ? mi/42 km


? mi = 42 km x (1 mi/1.609 km) = 26 mi. 

Example-2:


If a person drives at an average speed of 55 mph, what is the speed in kmph?


? speed in kmph = 55 mph x (1.609 kmph/1 mph) = 88 kmph

Example-3: 

If an economic passenger car has a mileage of 28.5 mpg, what is the mileage in kmpL (kilometers per Liter). (1 gall = 3.785 L)


Miles ( km;  gall. ( L;  (mi/gall) (  km/L

Conversion of miles to km = 28.5 mi x (1.609 km/1 mi) = 45.8565 km

Conversion of gall. to L  = 1 gall. x (3.785 L/gall) = 3.785 L

Conversion of mpg to kmpL = 45.8565 km/3.785 L = 12.1 kmpL

Temperature

Temperature is a measure of the degree of hotness of an object.  It is related to the average molecular kinetic energy of the object.  Temperature is not a measure of heat, but heat flows from a hot object to a colder one if the two are in contact.

There are three temperature scales:

(a)
Fahrenheit - mainly used in U.S.A

(b) 
Celsius - formerly centigrade, used by the rest of the world;

(c)
Kelvin - the SI unit for temperature, used mainly by scientists.

Temperature Conversion:

Water can be used as the reference to determine the temperature scales:

· Freezing point of water = 0 oC = 32 oF = 273.15 K

· Boiling point of water  = 100 oC = 212 oF = 373.15 K

Temperature differences between the freezing and boiling points of water:


T = Tb - Tf:
100 oC = 180 oF = 100 K

Therefore,
T of 1oC = 1.8oF = 1 K

Converting Celsius to Fahrenheit and Fahrenheit to Celsius:

1.
T(oC) x (1.8oF/1oC) + 32oF = T(oF) 


Example,  50.oC x (1.8oF/1oC) + 32oF = 122oF

2.
{T(oF) - 32oF} x (1oC/1.8oF) = T(oC)

Examples: 1. Converting 104oF to oC: (104oF - 32oF) x (1oC/1.8oF) = 40oC



     2. Converting -40oF to oC: (-40oF - 32oF) x (1oC/1.8oF) = -40oC

Converting Celsius to Kelvin and Kelvin to Celsius

1.
T(oC) x (1K/1oC) + 273.15 K = T(K)


Example: Converting 25oC to Kelvin:

25oC x (1K/1oC) + 273.15 K = 298 K

2.
T(K) x (1oC/1K) -273.15oC = T(oC) 


Example: converting 77 K to oC.

77 K x (1oC/1 K) - 273.15oC = -196oC

Exercise-5: 

Convert:
(a) 167oF to oC and to Kelvin, respectively; 



(b) -15oC to oC and to Kelvin, respectively;



(c) 128 K to oC and to oF, respectively;

Density


Density =    Mass of object__


      Volume of object

· Density = Mass/Volume

· Mass =  Volume x Density;

· Mass/Density = Volume

For solids and liquids, common unit for density is g/cm3 or g/mL;

for gases, the common unit for density is g/L.  

The SI unit for density is kg/m3;

Volume of liquids can be measured with a graduate, pipet, or buret.

Volumes of solid objects with regular shapes are calculated from the dimensions:


For cubic or rectangular solids: Volume = Length x Width x Thickness;


For cylindrical solid:  V = r2l;


For spherical solid:
V = (4/3)r3, where r is the radius.

For solids of irregular shapes, their volumes are determined by liquid displacement method - the volume of liquid displaced is equal to the volume of solid when it is completely submerged.  

Exercise-6:

1.
If the density of water is 1.00 g/cm3, what is its density in kg/m3
2.
A 864-g piece of lead has a volume of 76.2 cm3. Calculate the density of lead in: (a) g/cm3; (b) kg/m3.

3.
Isopropyl alcohol has a density of 0.785 g/mL. What is the mass of 473 mL of isopropyl alcohol?

4.
Chloroform (CHCl3) has a density of 1.492 g/mL. What volume of chloroform should be measured out to obtain 35.8 g of chloroform?

___________________________________________________________________________

Extensive and Intensive Properties

Extensive properties are properties that depend on the quantity of the sample measured. 

Examples: mass, volume, length, area, heat capacity (not specific heat), moles, etc..

Intensive properties are properties that are independent of the sample size;

Examples: density, boiling point, melting point, specific heat, color, etc.

Classification of Matter

Matter is defined as anything that has mass and occupies space; matter is the material of the universe. Matter is complex and has many levels of organization. Matter that is found around us exists in three states: solid, liquid, and gas.

Solids are rigid and have fixed shapes and volumes. Particles (atoms, molecules, or ions) in solids are packed together in a lattice structure and not free to move around.

Liquids have definite volumes but no specific shape; it assumes the shape of the container. Particles in liquids are in random motion, but they are close together.

A gas has no fixed shape or volume; it takes the shape and volume of its container. Gaseous molecules are in a state of constant and random motion, independent of each other. They are separated by distances much greater than their size. The volume occupied by a gas is mostly an empty space, which makes gases highly compressible, unlike solids or liquids.

Matters around us are mixtures of pure substances. Mixtures have variable compositions, whereas pure substances have fixed compositions. 

Mixtures are classified as homogeneous (having visibly indistinguishable components) or heterogeneous (having visibly distinguishable components). 

· homogeneous mixtures: air, gasoline, tap water, alcoholic and non-alcoholic beverages, seawater (without the debris), steel and alloys.

· heterogeneous mixtures: oil-water mixture, coffee beans, tea leaves, soil, sand, etc.

Pure substances are classified as elements or compounds. Elements are made up of only one types of atoms and cannot be converted into simpler forms. Where as compounds are made up of more than one type of atoms, chemically combined in a fixed proportion. Compounds may be broken (chemically) into simpler forms.

· Elements: carbon, iron, copper, gold, silver, etc.

· Compounds: pure water, carbon dioxide, salt, sugar, etc.

Physical and Chemical Properties of Matter:

Physical properties describe the state (solid, liquid, or gas), appearance (color, shapes of crystals), and other physical characteristics of matter, such as the density, melting point, boiling point, solubility, conductivity, etc.  They do not describe the composition of the substance.

Physical changes describe changes involving the state (solid, liquid, vapor/gas) of the substance, which do not result in the change of its composition. The  melting of ice, condensation of steam, the dissolving of salt or sugar, etc. are examples of physical changes. The composition of water does not change when ice melts or steam condenses. 

Chemical properties describe the composition of substances and chemical reactions are changes that alter the composition of the substance - the end-products are different from the original substance. For examples, 

· Methanol is a highly flammable liquid;

· Battery acid is very corrosive;

· Steel rusts more readily in humid air than in dry air.

Physical and Chemical Processes 

Mixtures can be separated into pure substances by physical processes. For example, the water found in nature (groundwater and water in lakes, rivers and oceans) contains both suspended and dissolved substances. Pure water can be prepared from natural water by filtration (which separate debris and undissolved solids) and distillation methods. Distillation is normally used to separate volatile components in a mixture. Propane, butane, hexane, gasoline, and many other petroleum products are separated from crude oil by a special distillation process known as fractional distillation. 

Pure water may be frozen into ice or boiled off in to steam. Like wise, ice melts or steam condenses into water. None of these processes alter the composition of ice, water, or steam, all of which are made up of H2O molecules. Thus, freezing, melting, evaporation, and condensation are physical processes. However, if electric current is passed through water, the latter will decompose (electrolyze) into hydrogen and oxygen gases. Electrolysis and decomposition are examples of chemical processes, because they alter the fundamental compositions of substances.

Summary of the Classification of Matter
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