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Life,Life,
the Universe,the Universe,

and Everythingand Everything
E=mc

2

The universe is composed of
energy and matter.

• At the beginning of the universe, energy was converted
into matter. Big Bang!

• Only in rare circumstances, like inside stars and atomic
blasts, matter is converted back into energy.

•Energy is often converted from one form into another:
(e.g., light energy into chemical energy; chemical enegy into
kinetic energy; kinetic energy into heat energy; etc.)
but it is neither created nor destroyed.

•But matter, with rare exceptions, stays the same type of
matter.

Matter is in the form of chemicals.

• Chemicals are constructed from atoms.

• Different types of matter, i.e., different elements, have
different atoms.

The Atom
• A single unit of matter
• Composed of three types of subatomic particles

– Neutrons (no): mass = 1 atomic mass unit
no electrical charge (neutral)

– Protons (p+): mass = 1 atomic mass unit
positive electrical charge (+1)

– Electrons (e–): mass is trivial
negative electrical charge (–1)

Atomic Structure

[p+] [n°] [e-]

• Neutrons and protons
form the nucleus

• Atomic Mass
(Atomic Weight)
= number of
protons and neutrons
combined

• Electrons orbit
around the nucleus

Atomic Number
• A chemical reaction is the interaction of electrons from

different atoms.

• The number, distribution and activity of electrons around
an atom’s nucleus is determined by the number of protons
in that nucleus.

• The “chemical identity” (type of element) for any atom is
determined by the number of protons in its nucleus!
# of p+ = the Atomic Number for that atom.

E.g.: Any atom that has 6 p+ in its nucleus (atomic number = 6)
is defined as carbon, no matter how many e- or n° it has!

..

Partial Periodic Table

atomic number
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96% of body mass is composed of
four different elements

• Oxygen (65%)

• Carbon (18%)

• Hydrogen (10%)

• Nitrogen (3%)

Remember: 65-75% of
total body weight is H20

• Atoms of the same element (i.e., same atomic number) but
with differing numbers of neutrons, have the same chemical
identity but different atomic weights.

• These variations of an element are called isotopes.

• Some isotopes are unstable and emit radioactive energy.
Such isotopes are radioisotopes.

Isotopes

Electron shell

• Electrons have
different levels of
energy

• Each energy level is
called an electron shell

• Outer shell called
valence shell

• Only valence shell
electrons participate in
chemical reactions

Ions

• If # p+ = # e–: neutral atom

• If # p+ ≠ # e–: charged atom = ion

• If the valence shell loses an electron = positive ion (cation).

• If the valence shell gains an electron = negative ion (anion).

Ions: sodium chloride (NaCl)

• Sodium transfers (donates) valence e– to chloride

• Na becomes positive ion (+)

• Cl becomes negative ion (–)

Ions & Isotopes
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Chemical reactions occur when bonds
between atoms are formed or rearranged

• Molecule: two or more atoms bonded together
– Compound: molecule constructed of more than

one kind of atom.
E.g.: H2 and O2 and H2O are all molecules.

• But H2 and O2 are elemental molecules.
• And H2O is a compound molecule.

Reactants Reaction Products

2 H2 O2 2 H2O

+

+

Beta-carotene Vitamin A
(2 molecules)

Living cells carry out millions of chemical reactions
that rearrange matter in significant ways

•Biological molecules have many atoms bound precisely in complex forms.

•How does the right rearrangement of the right bond at the right time happen?

Types of Chemical Bonds

• Covalent Bonds

• Ionic Bonds

• Hydrogen Bonds

Covalent Bonds

• Atoms share electrons to fill valence shell

• Electrons are shared in pairs

• Each pair forms one bond

Example: Water (H2O)
• Oxygen: 6 valence e–

– Needs 2 e– to fill shell

– Gets 1 e– from each hydrogen
atom

• Hydrogen: 1 valence e–

– Each needs 1 e– to fill shell

– Each gets 1 e– from oxygen

Covalent bonds

Ionic Bonds

• Based on electromagnetic attraction between
ions of opposite charge

• Ions: charged atoms

– Loss of e–: positive charge on atom

– Gain of e–: negative charge on atom

• Salts: two ions of opposite charge bonded
together
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Ionic bond between Na+ and Cl– form
NaCl, table salt

• Regular stacking of
atoms cause salts to
form crystals in
absence of water

Ions separate in presence of water

• Dissociation: breaking of ionic bond

• Dissolve: surrounding a molecule like NaCl
with H2O

• Why? Because water is a polar molecule.

Water is a polar molecule
• Nucleus of oxygen

bigger than hydrogen

• Bigger nucleus attracts
e– better

• Distribution of
electrons is uneven
around molecule

Dissociated ions in water

Na+ surrounded by 
oxygen side of H2O

Cl– surrounded by 
hydrogen side of H2O

Glucose dissolved in waterSalt ions dissolving in water

Water is a versatile solvent

• Solutes whose charges or polarity allow them to
stick to water molecules dissolve in water
– they form aqueous solutions

Negative Oxygen regions of polar
water molecules are attracted to

sodium cations (Na+). +

+

+

+Cl –
–

–

–

–

Na+Positive hydrogen regions of
water molecules cling to

chloride anions (Cl–).

+
+

+
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Cl–

Aqueous Solutions
Polar or ionic molecule dissolved in water

forms a solution

• Solution: solutes dissolved by a solvent

• Solvent = water

• Solutes = dissolved substance

A protein solution =
protein dissolved in water



5

Hydrogen bonds form
between partial (∂) charges

• Both intermolecular and intramolecular
ß –NH and –OH side groups are ∂+
ß =O side groups are ∂–

• Individual H-bond is very weak,
but many combine to stabilize
3-D structure of biological
macromolecules

– Important for protein
shape, DNA, etc.

Water: the “universal solvent”

• Many substances dissolve in water

• Examples of water soluble substances:

– Salts (ions, or electrolytes)

– Sugars and other nutrients

– Vitamins

– Hormones

Hydrogen bonds

Many of water’s unique properties relate to

hydrogen bonds formed among these
small polar molecules

• Solvent power (water to solute)
• Cohesion (water to solid)

– Wetting & capillary attraction

• Adhesion (water to water)
– Surface tension &

column tension

– High heat capacity
& heat of vaporization

– Liquid density > solid density

Dissociation of Water
• 1 out of 500,000,000 water molecules ionizes:

H2O fi H+ + OH–

• = 6x1016 per liter of water = 10–7 moles per liter

• Hence, neutral water contains:

 10–7M H+ + 10–7M OH–

• And    [H+] = [OH–]

• pH = –log [H+] = –log (10–7M ) = 7

Hydrogen
 ion

Hydroxide
 ion

( = 1 p+ )

Acids & Bases
• So, in a neutral solution, [H+] = [OH–]; pH = 7.00
• An Acid is a compound that adds extra H+ to the solution.

I.e., “H+ donor”

• Thus, an acidic solution has [H+] > [OH–]
pH < 7  (0.00–6.99)

• A Base is a compound that removes H+ from the
solution.   I.e., “H+ acceptor”

• Thus, an basic (alkaline) solution has [H+] < [OH–]
pH > 7  (7.01–14.00)

• ÍpH = Èacidity     &    ÈpH = Íacidity

 pH scale




